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Preface 


This book is written as an introduction to. modern concepts of atomic and 
molecular structure, the nature of the chemical bond, and molecular 
spectroscopy. In its present form, the book should be useful for a 
university course in general chemistry. It should also prove useful to 
students of physics looking for an introduction to the quantum theory 
and its applications especially to atomic structure and bonding, and to 
spectroscopy. Students who, following a course in materials science, have 
to search for more detailed information on atomie and molecular 
structure and the nature of binding in materials than what is usually 
given in materials science texts, should find this book a useful supple- 
ment. 

In order to be able to interpret chemical and physical phenomena in 
terms of molecular behaviour the student must learn as much as he can 
about the nature and behaviour of individual molecules, a satisfactory 
account of which can be given, however, only in terms of wave 
mechanics. Powerful notions which have been developed and applied to 
the problems of atomic structure and chemical bonding in recent years 
are not easy to grasp in their complex mathematical form. However, 
when stripped of their formal language, the essential ideas are simple 
enough to be presented to the undergraduate student. This book 
represents an endeavour to give practical shape to this view. 

The opening chapter of the book presents a historical account of the 
origin of the quantum theory. The application of the quantum theory to 
the problem of atomic spectra and atomic structure and the results 
stemming from it are discussed in Chapter 2. Electronic configuration of 
atoms on the four-quantum number system, symbols for atomic states, 
and classification of elements and their distribution in the periodic table 
form the subject matter of Chapter 3, which, however, uses the classical 
approach in its treatment. Chapter 4 introduces the reader to the 
wave-mechanical concept, its physical significance and application to 
real problems. The next chapter is devoted to wave-mechanical treat- 
ment of the single-electron atom—hydrogen—and discussion of the 
theory of atomic orbitals, the radial and angular wave functions, and 
charge-cloud representation, with the help of tables and figures to help 
the reader understand the topic. Valence bond and molecular orbital 
methods of chemical bonding, hybridization, orbital structures of com- 
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mon hydrocarbons, and theory of coordination compounds are discussed 


in Chapter 6. In this revised edition, the treatment on the bonding in 
coordination compounds has been expanded to include all the important 
theories in a more systematic manner, Starting with a brief account of 
the classical concepts of valency, Chapter 7 presents discussion of various 
topics related to ionic and covalent bonding. Chapters 8 and 9 are 
concerned with the theories of bonding in metals and the secondary bond 
forces. 

The last chapter of the book is devoted to an account of the more 


important physical methods used in the determination of the molecular ` 


structure, It is essentially a chapter on molecular spectroscopy at an 
introductory level. In its various branches, spectroscopy is becoming of 
increasing value as an analytical tool. The qualitative and quantitative 
analysis of mixtures, the determination of molecular symmetry and 
molecular parameters form some of the important facets to its applica- 
tion, and almost every scientist at some time or other makes use of the 
results obtained from it. It is, therefore, desirable that he should know 
what type of information is available from a spectroscopic method and 
what its limitations are. Consequently, emphasis has been laid on 


physical principles and relationships between experimental readings and | 


molecular parameters rather than on experimental and theoretical 
details, In this revision, besides broadening some of the existing ‘topics, a. 
few new topics have been incorporated; these are electron spin resonance 
spectroscopy, Mossbauer spectroscopy, and mass spectrometry. ating 

One of my delights since the publication of the first edition of the book 
has been the receipt of suggestions, comments and criticisms from: many 
individuals. This help from the outside was invaluable in the work of 


revision. Specific thanks are due to Professor C. N. R. Rao, Head of the. 
Solid State and Structural Chemistry Unit, Indian Institute of Science; 
Professor R. D. Patel, Vice-Chancellor, Sardar Patel University; Profes- 


sor Paul A. Vatakencharry, Head of Applied Chemistry, Cochin 
University; Professor S. Brahmaji Rao, Head:of Chemistry, Sri Venkates- 


wara University; and Dr. C. Srinivasan, Reader in Physical: Chemistry, 


Madurai University. I am grateful also to’ my students Messrs.’ M. Nw 
Chandrashekara, P. Raghavendrachar, and C. C. Lakshmanan for their 
assistance in checking final proofs and help in many other ways. Finally, 
I am deeply indebted to the editorial staff at Tata McGraw-Hill for their 
proficient and patient editing and processing of the manuscript. 


Bangalore ’ Manas CHANDA 
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Chapter 1 


Beginning of the Quantum Theory 


1.1 Introduction 


The importance of the quantum theory in the study of chemical problems 
cannot be overemphasized, The classical theories, although they, have | 
rendered great service and continue to be very useful in modern chemistry, 
are however not always sufficient in the study of chemical problems. 
For example, the spectra, the structure of the periodic table, the nature 
of the chemical bonding, the structure of molecules and their properties 
cannot be properly understood without recourse to quantum theory. 
However, the quantum theory itself had its origin in the branch of physics 
dealing with radiation. It was the study of the radiation problem, which 
had been defying solution on the basis of classical theories, that led Max 
Planck in 1901 to introduce the concept of quanta, making the founda- 
tion of the quantum theory. It is therefore pertinent to start with a dis- 


cussion of this historic problem. 


1.2 Black-body Radiation 


In a state of rapid vibration, the particles composing a solid emit radiant 
energy in the form of waves, which, according to Maxwell’s electromagne- 
tic theory, are identical with electromagnetic waves. At low temperatures, 
the emission is mainly in the infrared region, but as the temperature is 
raised the spectral range of radiation widens, opening up fresh regions 


of the spectrum. And if the temperature gets high enough, such as white 
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heat, a range of waves covering the visible light spectrum are emitted in 
addition to the radiations of higher wavelengths that have started at a 
lower temperature. 

Thus the total radiation emitted by a hot body is composed of 
electromagnetic waves of varying range of wavelengths constituting 
a spectrum. The total intensity of radiation, as well as its distribution 
among the various wavelengths of the spectrum, is different at different 
temperatures, and may also be quite different for different objects even 
at the same temperature. If, however, the radiation emerging through 
a small hole in the wall of an isothermal hollow body is measured, it is 
found that the total intensity of radiation and its distribution among 
wavelengths are independent of the material and of the size and shape of 
the enclosure. This radiation is called black-body radiation. 

A black-body is an idealized radiator. It absorbs all the radiation 
incident upon it, and is heated by this radiation to a higher temperature 
than any other body. And conversely, when a black-body is heated, it 
radiates more intensely than other bodies at the same temperature. 

For experimental purposes, a black-body can be very well approxi- 
mated, as noted above, by a small hole in the wall of an enclosure. Nearly 
all the radiation entering the hole will be absorbed by successive reflec- 
tions inside the enclosure, and thus the hole almost exactly fulfils the 
definition of a black-body. The radiation emerging from the hole will 
also be very nearly equal to that of a black-body, being dependent only 
on the temperature of the enclosure and independent of the nature of 
the interior matter. Such black-body radiation was investigated in the 
most complete series of experiments conducted by O. Lummer and E. 
Pringsheim during the period 1897 to 1899. The typical curves from a 
black-body at different temperatures are as shown in Fig. 1.1. The 
ordinate is the intensity Ey, which is defined (Fig. 1.2) so that E,da gives 
the rate of emission of energy per unit area of surface, in the wavelength 
range à to A + da; the total intensity Æ, i.e. the total energy radiated 
per unit area of surface per unit time, is 


E= Î Ba (1.1) 


The task of theory was then to fit the curves of Fig. 1.1 and to lead to 
the two fundamental laws of thermal radiation formuiated earlier. 
These laws are detailed in the following: 


The Stefan-Boltzmann law. The law, which was discovered experi- 
mentally by Stefan in 1879 and derived using the principles of thermo- 
dynamics by Boltzmann in 1884, states that the intensity of total radiation 
from a black-body (i.e. the areas of the curves shown in Fig. 1.1) is propor- 
tional to the fourth power of its absolute temperature, that is, 

E = oT* (1.2) 
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Intensity of radiation Ex 
S 


0 1 2 3 4 5 6 7 
Wavelength in microns 


Fig. 1.1 Emission of radiation from a black-body at different 
temperatures. The area under the curve between two different 
wavelengths gives the energy in calories emitted by 1 cm* surface 
of a black-body in the specified range of wavelengths, 


Fig. 1.2 Definition of the intensity of radiation Ey. The 
shaded area (Ey dd) gives the rate of emission of energy in 
the wavelength range à to A+-dd from unit area of surface. Wavelength 


SSS 
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where o = Stefan’s constant 

= 5-669 x 10-5 erg sec™! cm~? (K deg)-4 

= 5-669 x 10°? W m~? (K, deg)-4 


Wien’s law. The wavelength of maximum intensity is inversely proportional 
to the absolute temperature of the black-body. That is to say, the product of the 
absolute temperature ( T) at which a particular curve of Fig. 1.1 is measur- 


ed and the wavelength (Amax) at which the curve has a maximum, is 
a constant. 


AmaxT = 2:8976 x 10-3 m deg (1.3) 


This is indeed a special case of Wien’s displacement law formulated 
in 1894 from theoretical considerations. This law expresses Æ, by the 
following formula: 


a 


By = oar (1.4) 


This formula holds true for short wavelengths, if the constants a and 
b are properly chosen, but is ineffective in the range of longer wave- 
lengths. 

The British scientists Rayleigh and Jeans developed a unified law of 
radiation which is accepted as the correct result of the laws of classical 
physics. In terms of the Boltzmann constant k, an expression for the 
Rayleigh-Jeans law is: 


Ex = 2nckT]™ (1.5) 


This equation is found to agree satisfactorily with experimental results 
in the case of long wavelengths or low frequencies, but it is clearly not 
correct since it predicts an impossible situation, namely that at shorter 
and shorter wavelengths the radiation intensity should increase without 
bound! This paradox, also known as the ‘ultraviolet catastrophe’, dealt 
a terrible blow to the nineteenth century classical physics and cata- 
pulted it into an entirely new area, that of the quantum theory. 


1.3 Planck’s Radiation Law 


As has been pointed out above, Wien’s law agrees well with experiment, 
except in the region of long wavelengths while the Rayleigh-Jeans law 
proves to be approximately correct in the limit of long wavelengths but 
when applied to short wavelengths leads to the ‘ultraviolet catastrophe’. 
Max Planck, a German theoretical physicist, started his consideration 
of the radiation problem by finding, empirically, an interpolation for- 
mula between Wien’s law and Rayleigh-Jeans law and eventually 
stumbled upon an equation of the form 
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which proved to agree remarkably well with experiment and had come 
to be known as Planck’s radiation law. In attempting to explain this 
law, which started out to be an empirical one but worked so well, Planck 
was led in 1901 to the bold new hypothesis that, contrary to the classical 
law of interaction between matter and radiation, the radiation cannot 
be absorbed or emitted in arbitrary amounts but only in quanta of 
energy hy, where h is a constant, now called Planck constant, and v 
is the frequency of the radiation. 

Eq. (1.6) predicts successfully the spectral distribution of radiation 
from a black-body over the entire experimental range. Again, the inte- 
gration of this equation over all wavelengths yields 


<<} oO 

BE | Eda = ante? | 

0 0 

The definite integral in Eq. (1.7) can be converted into a standard 

form. The result is 
P NEN 
150243 2 (1.8) 

Eq. (1.8) is exactly of the same form as Eq. (1,2) expressing the Stefan- 

Boltzmann law. So, 
Qnbk4 

T = T504 

The numerical evaluation of the constant o from Eq. (1.9) accords 
with the experimental value of o. 

The Wien displacement law of Eq. (1.3) can be derived from Planck’s 
radiation law by differentiating Eq. (1.6) and equating this derivative 
to zero. 

It can also be shown that Planck’s radiation law reduces to Wien’s 
law of Eq. (1.4) for short wavelengths and to Rayleigh-Jeans law of 
Eq. (1.5) for long wavelengths. Plots corresponding to these three radia- 
tion laws are shown in Fig. 1.3. 

Thus, despite the fact that Planck’s assumption about quantization of 
energy is arbitrary, his formula does, nevertheless, reproduce correctly 
the data on black-body radiation. And if h is treated as a constant, 
evaluated from other phenomena — as for instance, from the photo- 
electric effect, discussed later — Planck’s formula and the deductions 
stemming from it show quantitative agreement with black-body obser- 
vations without any adjustable parameter. This revolutionary theory 
was later to be the origin of Einstein’s theory of the photoelectric effect 
and of Bohr’s theory of atomic spectra. 


1 dh 


Juk T — 1 98 (1.7) 


E= 


(1.9) 
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Radiation intensity E) 


0 1 2 3 4 5 6 7 8 9 10 
Wavelength in microns 
Fig. 1.3 Curves corresponding to the three radiation laws 


1.4 Einstein’s Theory of Photoelectricity 


If the quantum theory had remained confined to its original sphere in 
the realm of radiation, it would never have attained its present import- 
ance and prominence. This prominence is largely due to the splendid 
way in which the theory had helped solve problems with which, at first 
sight, it is entirely unconnected. The first outstanding application of the 
theory was in the explanation of the photoelectric effect by Albert Eins- 
tein in 1905. It was all the more important because it really put the 
quantum theory on its feet. It should be noted that though Planck intro- 
duced the idea that radiation must be emitted in quanta or bundles of 
energy, he however believed that, after being so emitted, the radiation 
spread in waves. Einstein extended Planck’s idea further and introduced 
the important concept that the radiation energy is not only emitted in 
quanta but the quanta also preserved their identity until they were 
finally absorbed. 

Photoelectric effect is the ejection of electrons from various materials 
when irradiated by visible or ultraviolet light. This effect is the basis of 
the photoelectric cell, an extremely sensitive instrument used for detec- 
tion and measurement of radiation. 

An arrangement that can be used for observing the photoelectric 
effect is shown schematically in Fig. 1.4. When a beam of light falls on 
a metal surface S in an evacuated tube, electrons are emitted by the’ 
surface and are attracted to the positively charged anode A, thus com- 
pleting the circuit. The current can be measured by the galvanometer G. 

Laws of photoelectricity, established from experimental facts, are as 
follows: 


(a) The total photoelectric current is proportional to the intensity of the light 
striking the surface. 


| 
| 
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Fig. 1.4 Schematic diagram of apparatus for investigating the 
photoelectric effect 


The surface S in Fig. 1.4 is irradiated by monochromatic light, and 
sufficiently high voltage V is applied to the anode to collect all the 
electrons emitted photoelectrically. This is then the total photoelectric 
current. It is found, experimentally, that, in any photoelectric emission, 
the total photoelectric current is strictly proportional to the intensity of 
the incident light. 


(b) For each particular metal used to form the surface, there exists a threshold 
frequency (or wavelength) such that, at.frequencies below the threshold, no electrons 
are emitted, no matter how great the intensity. 


If the photoelectric current from any given surface is measured for 
monochromatic light rays of constant intensity, but of various wave- 
lengths, it is found that the current stops entirely at an upper wavelength 
limit, called the threshold wavelength (Fig. 1.5). For any wavelength 
longer than this, no photoelectric current is produced, regardless of the 
intensity of the incident monochromatic light. The frequency corres- 
ponding to the threshold wavelength is called the threshold frequency. 


~ w nz uw a 


Microamperes per milliwatt incident energy 


y 0! 
Fig. 1.5 Photoelectric response of sodium surface as a 02 03 04 05 06 
function of incident wavelength Wavelength in microns 


8 Atomic Structure and Chemical Bond 


(c) The maximum energy of the emitted electrons is independent of the incident 
light intensity. 


For measuring the energies of photoelectrically emitted electrons 
there exist various ways, the best of which, however, involves either 
deflecting the electrons with a magnetic field or subjecting them to a 
retarding electric field. By applying a negative voltage to the anode A in 
Fig. 1.4, the speed of the emitted electrons can be retarded. It is, how- 
ever, found that even when the anode is several volts negative, some 
photoelectric current flows, which indicates that some electrons are 
ejected from the cathode surface $ with sufficient speed to enable them 
to overcome a retarding potential of several volts. The negative voltage 
is gradually increased till it cuts off all the photoelectric current. This 
limiting potential, Vs in Fig. 1.6, is called the stopping potential for that 
particular surface and irradiation, Since V; is required, evidently, to stop 
electrons with maximum speed, i.e. with maximum kinetic energy, it 
follows from the law of conservation of energy that 

$ m%max = EVs (1.10) 

Thus if the stopping potential for a particular tube is 2:57 V, then the 
most energetic electrons have an energy of 2:57 eV. The stopping poten- 
tial is thus a measure of the maximum kinetic energy of electrons. Now, 
if the stopping potential for a given surface, irradiated by monochro- 
matic light of a given frequency, is measured as a function of the inci- 
dent light intensity, a surprising result is encountered: The stopping 
potential is found to be independent of the light intensity. This means 
that an increase in the amount of energy of a monochromatic light 
of a given frequency striking the surface per unit time does not change 
the maximum energy of the electrons emitted from the surface. It only 
increases the total photoelectric current, as noted earlier. 


(d) The maximum energy of the emitted electrons is linearly dependent on the 
frequency of the incident light. 


If the stopping potential is measured for various frequencies of inci- 


Photo-electric 
current — 


TNs 9 *V Fig. 1.6 Variation of total photoelectric current as a function 
Anode voltage of anode voltage for a given surface and irradiation 
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dent monochromatic light, a linear relationship is observed, as shown 
in Fig. 1.7. Below a definite frequency, the stopping potential is nil, i.e. 
no electrons are emitted below this frequency, which, as we have already 
seen in (b), is called the threshold frequency. Above the threshold, how- 
ever, the stopping potential and hence the maximum energy of the elec- 
trons emitted, is directly proportional to the frequency. 

Considered on classical grounds, item (a) is quite expected, item 
(b) involving a discontinuity is quite surprising, item (c) is totally 
unexpected, while item (d) is an unexplained phenomenon. Clearly, the 
photoelectric effect must require an explanation radically differing 
from classical electromagnetic theory. Einstein’s celebrated note of 1905 
provided the correct explanation. Going even further than Planck, who 
limited himself to the introduction of discontinuity in the mechanism of 
absorption or emission, Einstein postulated that light radiation itself 
was discontinuous, consisting of a beam of corpuscles, named as photons. 
A photon is thus a single quantum of electromagnetic radiation and has 
the energy hy, where v is the frequency of the radiation and A is the 
Planck constant. 

According to Einstein’s explanation, when a photon strikes a metal 
surface, a given electron at the surface would receive either all of its energy 
hy or no energy at all. Thus instead of being spread evenly on the sur- 
face, the incident energy would be received by only certain electrons. 

Again, as the electron escapes from the metal, it uses up a certain 
energy, W, in overcoming the surface forces. This energy is called the 
work function of the surface. Moreover, if the electron originates below 
the surface, additional amount of energy may be used up in reaching 
the surface. So, for an electron originating at the surface or one which 
loses no energy in reaching the surface, the kinetic energy after leaving 
the surface will be a maximum. Obviously, this maximum kinetic energy 
will be the difference between the energy fy imparted by the incident 
photon and the energy used up at the surface, W. So, 

$ mv°max = hy— W J (1.11) 

This is the Einstein photoelectric equation. 

Combining this-with Eq. (1.10), we have the following equation: 

eV, = hy— W (1.12) 


The three experimental laws of photoelectricity, which could not be 


Vs 


Fig. 1.7 Variation of stopping potential with frequency of 2 pave a 
incident light Frequency (D)—> 
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explained on classical grounds can now be accounted for. Thus, from 
Eq. (1.11), we see that if the energy ofthe incident photon is less than the 
energy needed by an electron to escape from the surface, no emission 
can take place, regardless of the incident light intensity, i.e. the number 
of photons which strike the surface per second. The threshold frequency 
below which no electrons are emitted is seen to be WIh from Eq. (1.12): 

hy — W = eV, = 0, v = Wih (1.13) 

Eqs. (1.11) and (1.12) further show that the maximum kinetic energy 
as also the stopping potential are independent of intensity but linearly 
related to frequency of the incident light. 

Einstein’s photoelectric equation [Eq. (1.12)] was later carefully 
verified by Millikan. When the maximum kinetic energy of the emitted 
electrons, i.e. eV;, is plotted against frequency v, a straight line (Fig. 
1.8) is obtained, the slope of which, according to Eq. (1.12), should be 
given by 

tanð = h 

From a determination of this slope, Millikan found the value of h 
to be 6:55 x 10-27 erg sec, in accord with the value obtained from 
black-body measurements. Furthermore, the intercepts on the eV,-axis 
and y-axis are seen to be — W and W/h respectively. The quantity W is 
called the photoelectric work function of the surface, while W/h, as 
already explained, is the threshold frequency. 


Example 1.1 Assuming that a 29-watt bulb emits monochromatic yellow light of wave- 
length 0-57, calculate the rate of emission of quanta per second. 
Solution 
Energy of a single quantum of radiation 

Bra te (6-62 x 10727) (3x 10%) 

0-57 x 10-* 
= 3-48 x 10-13 erg 

l watt = 1 joule/sec = 107 erg/sec 

Hence, the rate of emission of quanta 


Es E = 7:18 x 10% sec™? 


Example 1.2 Light of wavelength 4000 A strikes a certain metal which has a photoelectric 
work function of 2.13 eV’. Find (a) the energy of the photon in eV, (b) the kinetic energy of the 


eget MVE x— 


Frequency(v)—~ S 5 d . 
Fig. 1.8 Plotof masimum cnergy of photoelectrons versus 


frequency of incident light to verify Einstein’s photoelectric 


Kee 


equation 
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most energetic photoelectron in ergs and in eV, (c) the velocity of these electrons, and (d) the 
stopping potential. 
Solution : 
Frequency of the light of wavelength 4000 A 
Velocity of light 
Wavelength 
_ 3x 1019 cm/sec 
= 4000 x 10-* cm 
= 75x104 sec™ 


(a) Energy of the photon = hv 
= 413% 107 X 7-5 x 104 


= 3:10 eV 
(b) Photoelectric work function, W 
é = 213 eV 
= 213 x 1:6 x 10-™ erg 
= 3-41 x 107" erg ° 


From Eq. (1.11), the kinetic energy of the most energetic electron 
= $ m?max =hv— W 
= (6-62 x 107) x (7-5 x 101)— 3-41 x 10™ 
= 1-56 x 107™ erg 
= 0:97 eV. 
(c) The velocity of the most energetic electrons is obtained from 
+ mmax = 156 x 10-14 erg 
Mass of an electron is 9:11 x 10-* g. 
pa 2x 1:56 x 10 
Hence, ?max eee 
= 5:85 x 10” cm/sec 
(d) From Eq. (1.10) 
Vs = $ m?max = 0°97 eV 
Hence the stopping potential = 0-97 V. 
Example 1.3 When a metal surface is irradiated by light of wavelength 300 my the stopping 


potential is found to be 0:5V. Compute the work function and the threshold wavelength. Also 
calculate the stopping potential required for light of wavelength 200 mp. 


Solution 
The frequency v of the incident light of wavelength 
300 mu = ch ` 
_3x 101° (cm/sec) 
= 300 x 107” (cm) 
= 1015 sec 


h= 6-62 x 10-* erg sec = 4°13 x 107 eV sec 
Hence, hy = 4:13 x 107™ x 10% = 4-13 eV 

From Eq. (1.10), the maximum kinetic energy is 0-5 eV. Hence from Eq. (1.11), W = 413 
— 0:5 = 3-63 eV. According to Eq. (1-13) the threshold frequency is Wih or 3-63/(4°13 x 107=) 
or 8:78 x 10 sec™*, Hence the threshold wavelength is 3 x 1019/8-78 x 10% cm or 342 mp. 

The quantum energy hy of the light of wavelength 200 mp calculated as above is 6-20 eV. 
Hence from Eq. (1.12), the stopping potential = ¿Vs = 6-20— 3-63 = 2:57 eV. 
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1.5 The Compton Scattering 


Planck introduced the idea that radiation must be emitted in quanta 
or bundles of energy, but he believed that after being emitted in bund- 
les the energy however spreads in waves. In providing his explanation of 
the photoelectric effect Einstein extended the quantum idea of Planck 
to the absorption of radiation by making the additional assumption that 
once a quantum of energy, called photon, was radiated it preserved its 
identity until it was finally absorbed. According to the theory of rela- 
tivity, mass and energy are equivalent so that mass is energy and energy 
can be observed as mass. Since photons have energy, they must have 
mass, and if this is true, it should be possible to treat a collision between 
a photon and a material particle such as an electron in the same man- 
ner as, say, billiard-ball collisions are treated in accordance with the 
usual laws of mechanics. Let us then consider a photon striking an elec- 
tron which is initially at rest at the origin relative to the coordinate 
frame shown in Fig. 1.9. (A correction can be made for the initial ther- 
mal motion of the electron, but this motion is negligible compared with 
the other velocities in the following analysis.) Let us further assume 
that the impact is almost at a grazing angle so that the electron after 
receiving the impulse begins to move below the x-axis while the photon 
is deflected above the x-axis. 

Since the electron is assumed to be at rest, initially, its momentum M, 
is zero and its energy Æ, is only it its rest-mass energy which is mgc*. The 
photon has an energy 

= hy.= he/r wo (1.14) 

a photon has no rest mass; so its moving mass, mp, is equivalent to 

its total energy Æ and is given by 


Modified 
photon 


{nitial 
photon 


Electron 


at rest “ Recoil 


electron 


Fig. 1.9 Impact of a photon on a free electron initially at rest 
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mp = Ele? = hjer (1.15) 

The velocity of the photon, as we have seen earlier, is c, and hence 
its momentum M, which is its mass times its velocity, is- 

M = helen = h/r (1.16) 

This is the momentum of the photon moving along the x-axis before 
the impact. Following the impact its energy is reduced to fc/2’, while 
its momentum is changed in magnitude and direction to h/)’ at an angle 
@ to the x-axis. 

The electron gains energy from the impact. Let its total energy now be 
mc? and its momentum be mv directed at an angle ọ to the x-axis, as shown 
in Fig. 1.9. It should be noted that the electron mass m in these state- 
ments following the impact is the relativistic moving mass. 

We will now apply the conservation principles of classical mechanics 
to the impact situation as stated above and summarized in Fig. 1.9. We 
will treat this collision just as if it were a collision between two balls, one 
moving and the other at rest. Thus, applying the law of conservation 
of energy we obtain 

Fae = m? — me? (1.17) 

Momentum, unlike energy, is a vector quantity, having magnitude 
as well as direction, and in the collision involving two bodies momentum 
must be conserved in each of two mutually perpendicular directions. Apply- 
ing this principle we may write for the x-component of the momentum, 


pba 

rad cos0 + mv cosp (1.18) 
and for the j-component, 

r= K sinð — mv sino (1.19) 


The rest mass, 7%, of the electron is known and so also the wavelength 
à of the incident photon. Then experimentally we can measure the 
wavelength 2’ of the scattered photons as a function of the angle of scat- 
tering, 0. We however find that, in addition to the variables 2’ and 0, 
the three equations (1.17) to (1.19) contain three other variables, m, 
v, 9; the last three variables must then be eliminated so as to facilitate 
an experimental test of the theory we are developing. We first eliminate 
ọ between Eq. (1.18) and (1.19) by separating the terms containing 9, 
squaring the resulting equations and then adding them, whereupon 
we obtain: 


eg tan x2 gate 


We now use the relativistic interdependence of m and v given by the 
equation 


mio? = I 2 cos® x) 
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Mo 


n= as, 
v 
yı Ta 
which on squaring and rearranging, further yields 
m?o? = ¢?(m® — m?) (1.21) 
Eliminating v between Eqs. (1.20) and (1.21) we obtain 


nt — mt) = # (2 2 cos® =) 


2? ar’ a2 
In order to eliminate m, we next solve Eq. (1.17) for m, square it and 
substitute into Eq. (1.22). The resulting equation, on simplification, 
assumes the form of Eq. (1.23) which gives the change in wavelength 
between the original photon and a photon scattered at an angle 0: 


h 
An = A’ — 4 = — (1 — cos8 1.23 
wag (1 — 0030) (1.28) 


(1.22) 


Thus the scattered wavelength is always greater than the incident 
wavelength. Eq. (1.23) was derived by Compton in the early 1920’s 
to describe the change in wavelength of X-rays produced by scattering 
— a phenomenon first observed by him and known as the Compton effect. 
The experiments carried out by Compton verified the predictions of this 
theoretical equation quite accurately and thus gave additional support 
to the hypothesis of the quantum nature of radiation. 


Example 1.4 A monochromatic X-ray beam whose wavelength is 0-558 A. is scattered 
through an angle of 46°. What is the wavelength of the scattered beam? 
Solution If numerical values of the constants are put into Eq. (1.23), we find that the cons- 
tant (h/mec) has the value 2-426 x 10-1 cm. Expressing the wavelength shift in angstroms, 
Eq. (1.23) then becomes 

Ad = 2/— à = 0-02426 (1— cos6) 
Since cos 46° = 0-6947, 

a’ = 0-558 + 0-02426 (1— 0-6947) 

= 0-565 A 


The experimental demonstration of the Compton effect can be made 
with apparatus which is schematically represented in Fig. 1.10. A beam 
of monochromatic X-rays of known wavelength is directed at a target 
of the scattering substance, and the wavelengths of the scattered X-rays 
are determined, at various angles 9, with the help of an X-ray spectro- 
meter, which can be swung in an arc about the scatterer. The results, 
presented in Fig. 1.11, give the wavelengths as predicted by Eq. (1.23). 
The solid vertical lines in Fig. 1.11 are the unmodified lines and corres- 
pond io the initial wavelength, a, while the broken lines M (represent- 
ing the modified lines) correspond to the modified wavelength, 2’, of 
Eq. (1.23). The fact that at each angle the scattered X-rays also include 
a substantial proportion having the initial wavelength may appear sur- 
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ttt Unscattered 
Xray 


—.. NIN 
Sh 7 
cattering 
Collimators substance / 
Source of y / 
monochromatic p2 
X-rays 
aA Eih of 


spectrometer 
Fig. 1.10 Schematic diagram of the apparatus for measuring 
Compton scattering 


prising at the first look but is not hard to understand. If the photon 
collides with a tightly-bound electron, the entire atom recoils instead of 
the single electron. Tn this event, the value of m, in Eq. (1.23) becomes 
the mass of the entire atom rather than the mass of an electron. Since 
the mass of the atom is several thousand times greater than that of an 
electron, the Compton wavelength shift due to collision is accordingly 
too small to be detectable. This accounts for the presence of the unmodi- 
fied line in the spectrum of the scattered radiation. There are, however, 
electrons in matter which are either free or loosely bound. These elec- 
trons, when hit, modify the photon wavelength, and the wavelength 
displacement of the modified line M in the spectrum of the scattered 
cadiation (Fig. 1.11) is then given by Eq. (1.23). [It will be recalled 
that in deriving Eq. (1.23) we assumed that the electron getting scattered 
was'at rest initially. The broadening of the peaks (see Fig. 1.11) of both 


Unmodified line 
6-0° 


Relative intensity ——— 


Fig. 1,11 Compton scattering: Wavelength dis- 
placement of the modified line (M) of scattered X- i 
rays for different scattering angles. AÀ in angstrom units 
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the unmodified and modified photons is however due to the motion of 
the target electron. Because of this motion some photons undergo a change 
of energy which is a little more or less than would be expected for elec- 
trons which are initially at rest. 

For very high-energy photons most of the atomic electrons appear free, 
and consequently, a large fraction of the incident photons suffer a Comp- 
ton wavelength shift. For low-energy photons, on the other hand, most 
electrons appear bound. For still lower energy photons, such as visible 
photons, all the electrons appear bound; consequently, no Compton 
wavelength shift is observed and, in its place, the photoelectric effect 
assumes the greatest importance. 

We thus see that the likelihood of a Compton wavelength shift depends 
on the incident photon energy and the scattering material. It should be 
noted, however, that the amount of wavelength shift is independent of 
the value of the incident wavelength (and hence energy) and of the 
nature of the scattering material. This aspect of the Compton scattering, 
as implied by Eq. (1.23), has also been supported by experiments. The 
photoelectric effect is stronger than the Compton effect when ‘X-rays of 
energy less than 0:1 MeV are used. In the process involved in the photo- 
electric effect, the energy of an X-ray photon is completely given up to 
an electron of the atomic system. Since it is impossible for a photon to 
give up all its energy to a free electron, the photoelectric effect can take 
place only when photons strike bound electrons. At higher X-ray 
energies (about 0:1 MeV) the Compton scattering becomes more import- 
ant; an X-ray photon in this case is scattered and not really absorbed, 
since it does not lose a very large fraction of its energy. At still higher 


energies, above 1 MeV (wavelengths less than 0-012 A), the process of 
pair formation plays a part in the absorption of X-rays. This process be- 
comes more important than either photoelectric absorption or Compton 
scattering as the photon energy increases. 


1.6 Pair Formation 


Gamma rays are very short electromagnetic waves. We can describe 
these rays as photons whose energy Tange overlaps that of X-rays and 
extends to several MeV. Under suitable conditions a gamma-ray photon 
converts itself into a pair of material particles — a positive electron and 
a negative electron. The former is called the positron, while the word 
electron is used only for negative electrons. Since in this process of pair 
formation, discovered by Anderson in 1932, two particles, each of mass 
m, are being created out of energy, the initial gamma-ray energy must 
at least be equal to 2mpc°. According to the Einstein mass-energy rela- 
tion Æ = me, the energy required to create an electron is 0-511 MeV. 


Beginning of the Quantum Theory : 17 


Thus, pair formation cannot take place until the energy of the photon 
is at least 1-022 MeV, which is thus the threshold energy for pair forma- 
tion. Experimentally, this is found to be true. If the initial photon energy 
is greater than this threshold value, the excess appears as kinetic energy 
shared equally by the positron and the electron. 


Suggested Reading 


Ricutmyer, F. K., E. H, Kennarp, and T, LAURISTEN, Introduction to Modern Physics, 5th Ed., 
McGraw-Hill, New York, 1955. 

Buron, N. M., The Evolution and Development of the Quantum Theory, Longmans Green, New York, 
1926. H 

Hucues, A. L. and L. A, DusrinGE, Photoelectric Phenomena, McGraw-Hill, New York, 1932. 
Compron, A. H., Phys. Rev., 21, 483, (1923). 


Problems 


1.1 An enclosure having an opening of 1 cm? area is heated to a temperature of g00°K. 
Calculate the rate of emission of the total energy at this temperature. 

1.2 Find the wavelength and frequency of a photon ofenergy5 X 107 erg. 

1.3 Find the frequency ofan X-ray photon whose momentum is 1-2 x 1072 g. cm/sec. 

1.4 Find the number of visible quanta emitted per second by a 100-W incandescent. bulb. 
Assume that5% ofthe energy consumed by the bulb is r4diated as visible light, at a wavelength 
of 5600 A. 

1.5 The threshold wavelength for photoelectric emission from tungsten is 2,300 A. Calculate 
the velocity of the fastest electrons emitted as the result of absorption of light of wavelength 
1800 A. z 

1.6 The threshold frequency for photoelectric emission from lithium: is 5:77 x 1014 sect. 
Find the energy in ergs and electron volts for the fastest photoelectrons emitted when light of 
frequency 7:5 X 1014 sec™t is directed on a lithium surface. 

1.7 Prove that the maximum value of the Compton wavelength shift is 0:0485, 

1.8 A beam of X-rays when scattered by free electrons shows & wavelength change of 0-007. 
Find the angle of scattering. 

1.9 An X-ray photon of initial frequency 2 X 10% sec-? collides with an electron. Find the 
frequency of the photon scattered through an angle of 45°. 


Chapter 2 


Atomic Spectra and the, 
Bohr-Rutherford Atomic Model 


2.1 Introduction 


The quantum hypothesis, which was introduced by Planck, received 
brilliant confirmation at the hands of Einstein in his explanation of the 
laws of photoelectric emission and obtained very strong support from 
the Compton effect. It was, however, not until Niels Bohr produced 
his theory of the structure of the hydrogen atom in 1913 that the quantum 
theory made another decisive stride. Bohr’s imaginative use of the quan- 

` tum theory gave it a new dimension and opened the way for its appli- 
cation in the study of atomic dynamics. 

Bohr’s advance has to be viewed against the background of the then 
existing knowledge of the quantum theory, the atomic spectra, and the 
atomic structure. We have already seen in Chapter 1 the early stages in 
the development of the quantum theory. We now give an account of 
what was known about atomic spectra and atomic structure till 1913 
before starting out on a discussion of Bohr’s theory. 


2.2 Atomic Spectra 

The experimental knowledge of atomic spectra has accrued from the use 
of instruments, known as spectroscopes, which are capable of analysing 
light according to its distribution of frequency or colour. Essentially, 
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spectroscopes contain an entrance slit and lens, a dispersing device such 
as a prism (which disperses, i.e. separates light into component colours 
by refraction) or grating (which disperses light by diffraction), and an 
optical system either for visual observation or for producing an image 
of the slit on a detector, commonly a photographic plate. The spectrum 
produced in this way consists of a series of lines, each being an image of 
the slit produced by the radiation of a particular wavelength. Conse- 
quently, light which has continuous frequency distribution such as the 
light emitted by a hot solid body, forms a continuous succession of slit 
images giving the appearance of a wide image. On the other hand, light 
having discontinuous distribution of frequency gives rise to discrete 
slit images called spectral lines. Such discontinuous spectral lines are 
produced by the light from any element in gaseous form. The spectral 
lines occupy definite positions and thus correspond to definite wavelengths 
or frequencies. And because of the extreme sharpness of the spectral 
lines the respective wavelengths can be measured with a large degree 
of precision. 

Two types of spectra can be clearly distinguished, the line spectra and 
the band spectra. The line spectra consist of distinct lines and are produced 
by gaseous atoms; consequently, the line spectra are often referred to as 
atomic spectra. But the spectra produced by gaseous molecules contain 
distinct bands, which are, in fact, families of closely spaced lines, 

Every chemical element emits a characteristic line spectrum’ when 
the atoms are excited in a flame, a furnace or an electric arc. Each ele- 
ment can therefore be identified by its spectrum analysis. It may be noted 
in passing that whereas gases and vapours, containing either atoms or 
molecules, emit discontinuous spectrum ‘when excited, the light emitted 
by hot solid bodies, however, represents a mixture of all wavelengths and 
hence forms a continuous spectrum. i 

In the emission spectrum of a hot gas the spectral lines appear as 
bright lines when viewed through a spectroscope. Many of these spectral 
lines may also appear as dark lines on the continuous background in 
a spectrum if a continuous radiation such as white light emitted by a 
hot solid body is passed through the gas and observed spectroscopically. 
Generally, the dark line (which shows that light of the corresponding 
wavelength has been absorbed) appears exactly at the same position as 
the bright line appears in the emission spectrum of the same element in 
gaseous form. This means that the wavelengths absorbed bya given type 
of atom (or molecule) are identical with wavelengths emitted by the 
same atom (or molecule). The best known example of absorption lines 
is the multitude of thin dark lines which appear in the continuous spec- 
trum of the sunlight. These lines discovered by Fraunhofer in the early 
part of the nineteenth century are known as Fraunhofer lines. These 
lines occur because the luminuous part of the sun, which emits conti- 
nuous radiation almost exactly according to theoretical predictions for 
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any object at a temperature of 5800°K, is enveloped by cooler gases 
which absorb light of certain wavelengths. The study of Fraunhofer 
lines is thus a source of definite information about the chemical compo- 
sition of the sun. It has been revealed by such study that, save for the 
large predominance of hydrogen and helium, the chemical composition 
of the sun is identical with that of our earth. 

The simplest spectrum, as might be anticipated, is that of atomic 
hydrogen. Fig. 2.1 illustrates a part of the hydrogen-atom spectrum in 
the visible region. It was discovered by Balmer, as early as 1885, that the 
wavelengths of the nine lines, then known in this spectrum, could be 
accurately expressed by the simple formula, 

n? 
n?— 4 
where XK is a constant and n an integer. 

The different wavelengths corresponding to the lines Ha, Hg, Hy, Hs 
etc., are obtained by putting the integers 3, 4, 5, 6 etc., respectively, in 
place of n. This set of lines constitutes a spectral series and is known as 
the Balmer series. 

It is seen from Eq. (2.1) that the value of n cannot be less than 2, since 
2» would then be a negative number, which is meaningless; the value of 
n cannot be 2 either since à would then be infinite. As integer n becomes 
greater than 2, the corresponding wavelength À becomes smaller. But 
when the value of 7 is already large, its further increase, however, causes 
x to decrease only very slightly, the latter ultimately reaching the limit- 
ing value of K when n approaches infinity. This situation is reflected in 
the continuous radiation, in Fig. 2.1, at wavelengths less than that 
corresponding to this limit. 

In spectroscopic work, frequencies are commonly expressed in. terms 
of wavenumbers, that is, the number of waves per unit length, denoted 
by v (in cm™!) and given by the reciprocal of wavelength. It should be 
noted, however, that the true frequency is the number of vibrations per 
second, v sec™!. Expressing in terms of wavenumber, Eq. (2.1) is re- 


‘arranged as 


x= K (2.1) 
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Fig. 2.1 Balmer series of atomic hydrogen excited by an electric discharge. 


The dark lines 


correspond to the bright emission lines of the spectrum. 
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— 1 1 
Ve es 2) (2.2) 
. Here R denotes a frequency constant having the value 109,677:8 cm™ 
and is usually called the Rydberg constant in tribute to the Swedish physi- 
cist Rydberg who found this frequency to occur in expressions for the 
spectral lines of a number of elements. Rydberg showed that besides the 
simple spectrum of hydrogen, the spectra of many other elements con- 
tain a series of lines whose frequency (wavenumber) is approximately 


given by 
NRE! R i 
y a EAT (2.3) 


where R is the Rydberg constant and n is a running integer, while A and « 
are adjustment constants that depend on the element and the spectral 
series or the part of the spectrum to which the equation is applied. 

Ritz, in 1908, introduced his combination principle, which, in its simplest 
form, states that the wavenumber of any spectral line can be represented as the 
combination of two terms. Ritz noted that the term A of the Rydberg equa- 
tion [Eq. (2.3)] was indeed a particular value of a term just like, the 
second term of the same equation. Using this combination principle 
Ritz rewrote the Rydberg equation as 


ee R R 

"Gre wre hi 
where « and B are adjustment constants which depend on the element; 
m takes on different integral values for different spectral series. Through- 
out each spectral series, however, m remains constant, while n takes on 
different integer values corresponding to the different lines in the same 
series. Obviously, Balmer formula for hydrogen is a special case of Eq. 
(2.4), that is, when « = 6=0 and m= 2. 

In the same year, 1908, Paschen discovered another spectral series 
for atomic hydrogen in the infrared region. Eq. (2.4) could be fitted to 
this series, called Paschen series, by making « = B = 0, m= 3 and 
n = 4, 5, 6, etc. Two more series were later found in the infrared region 
for the hydrogen-atom spectrum by Brackett (1922) and Pfund (1924) 
respectively. In the ultraviolet region also, one series had earlier been 
observed by Lyman (1906, 1916). All these series were found to be in 
excellent agreement with the requirements of Eq. (2.4), « and p being 
zero with m and n having integral values, as shown in Table 2.1, Thus 
all the hydrogen series could be represented by the general equation, 

REPR et 

Vy eee (2.5) 
where R is the Rydberg number, as given before, and m and n are 
integers, the former being constant and n varying throughout in any 
given series (Table 2.1). 
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Table 2.1 The Atomic Spectrum of Hydrogen 
Se eek SS SS 
Series Region m n 


EST U Beg arg ed te paper 


Lyman Ultraviolet 2,940.00 


Brackett  Far-infrared 
Pfund Far-infrared 


be eee ea ee aT 


1 
2 
Paschen Near-infrared 3 4,5,6,..++++ 
4 
5 


Though Eq. (2.5) represented with great precision the entire known 
spectrum of atomic hydrogen, it was however only an empirical formula 
derived from experiments. The interpretation of this correct but unde- 
rived formula was first given by the theory of Niels Bohr (1913). 


2.3 The Thomson Model of the Atom 


The early studies of atomic spectra, as described above, dealt with the 
identification of various lines and the mathematical formulation of the 
results, but the fundamental question as to why atoms begin to emit light 
when heated remained a mystery. The first model of the atom, propoun- 
ded in 1898 by the English physicist Thomson, that pictured atoms 
as uniform spheres of positively charged substance (‘positive electric 
fluid’) with negative electrons (in quantities sufficient to neutralize the 
charge) embedded in it, seemed to solve this mystery. The electrons 
were supposed to assume certain stable positions inside the atomic body 
as a result of two forces — attraction by the centre of positive charge and 

_ repulsion by other electrons. If this distribution were disturbed by some 
applied energy, the electrons were supposed to vibrate about their 
equilibrium positions causing emission of light waves of corresponding 
frequencies. However, attempts to correlate the calculated emission fre- 
quencies of electrons in Thomson’s atom with those actually observed 
for different elements met with no success. Moreover, Thomson’s model 
could not explain, in terms of classical electromagnetism, the stability 
of the atomic charge system. Thus in view of Earnshaw’s classical theo- 
rem which states that no system of charged particles can remain in static 
equilibrium under the action of electrostatic forces alone, the matrix of 
positive charges in Thomson’s atoms would indeed be expected to fly 
apart. Despite the importance of the problem, it was only after 13 years 
that a definite experimental test of the Thomson model was made. This 
experiment, performed by Geiger and Marsden in 1911 at the suggestion 
of Ernest Rutherford, compelled the abandonment of Thomson model, 
leaving in its place a new concept of atomic structure. 
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2.4 The Rutherford Nuclear Atom 


Rutherford probed matter with alpha particles and developed a model 
of the nuclear atom. Alpha particles are doubly ionized helium atoms, 
ie. helium atoms that have lost two electrons leaving them with two 
units of positive charge. Alpha particles are spontaneously emitted by 
certain radioactive elements. Radium, for example, is an excellent source 
of high-energy alpha particles. 

It was realized by Rutherford that very important information about 
the inner structure of atoms could be gained from the study of collisions 
between fast-moving alpha particles and the atoms constituting a target. 
In the classic experiment of Geiger and Marsden, performed at Ru- 
therford’s suggestion, a speck of alpha-particle-emitting radioactive 
material was placed behind a lead screen that had a small hole in it 
and the resulting narrow beam of alpha particles was directed at a thin 
gold foil, as in Fig. 9.2. On the other side of the foil was placed a zinc 
sulphide screen which produced visible flashes, called scintillations, when 
struck by an alpha particle. Geiger and Marsden found that, while most 
of the alpha particles went straight through the foil or were deflected 
only by very small amounts, some were, however, deflected through 
large angles, and what was more, a few particles were even deflected back 
to the side from which they came. This behaviour was at variance with 
what would be anticipated from the Thomson atomic model. Since in 
this model the charges within an atom were assumed to be uniformly 
distributed throughout its volume, alpha particles in passing through 
a thin metallic foil would, if this model were correct, experience only 
weak electric forces and hence their initial moments should be enough 
to carry them through with only slight deflections at the most. 


with the Thomson model of the atom. Rutherford further showed that 


the observed large-angle scattering could not be explained as being the 
combined effect of a series of successive small deflections caused by the 


particles ` 
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Fig. 2.2. Schema tic diagram of apparatus for 

observing the scattering of alpha particles 
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atoms of the foil. This led him to the consideration that the large-angle 
scattering of an alpha particle resylted from a single encounter between 
the particle and a metal atom; and then he showed, on the basis of this 
consideration, that the large scattering angles through which some of the 
alpha particles were deflected could be explained by assuming the whole 
of the positive charge of the atom to be concentrated in a very small 
region, Or nucleus, of the whole atom. He then postulated that surround- 
ing the central nucleus at some distance away from it there were neces- 
sary number of electrons — the extra-nuclear electrons — to give a 
neutral atom. The electrons, being so light, will not appreciably affect 
the motion of fast-moving alpha particles, the majority of which will 
therefore pass through the atom without significant scattering; but an 
occasional alpha particle which happens to move into the strong electric 
field in the vicinity of the positively charged tiny nucleus, will be vio- 
lently deflected from its course. 

The quantity actually measured in the scattering experiment is the 
number, N(8), of alpha particles per unit area striking the screen at an 
angle 0. If a total of N; alpha particles strike the foil during the course 
of the experiment, the fraction, f (0), of the total number of alpha parti- 
cles scattered over unit area (of the fluorescent screen) at a distance f 
from the scattering nucleus in a direction making an angle 8 with the 
original direction of incidence (see Fig. 2.3) is given by the Rutherford 
scattering formula: 


N (0) ( ze y 
6) = = = 4 6 
f(®) N; nt\ — a cosec* (6/2) (2.6) 
where n is the number of atoms per unit volume of the scattering foil 
material, and t is its thickness; Z is the number of unit charges on the 
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nucleus and ¢ is the electronic charge} mis the mass and v is the velocity 
of the alpha particle. The experimental data confirmed the general 
accuracy of this famous formula and thereby also Rutherford’s atom 
model from which the formula was derived. 


Example 2.1 A beam of 5-MeV alpha particles is incident normally on a gold foil of thick- 
ness 10-4! cm. What fraction of the incident particles that undergo single Rutherford type 
scattering would be received by a detector per unit area at an angle 60° with respect to the 
incident direction and at a-distance 20 cm from the point of traversal of the foil? 


Solution. We begin by finding n, the number of gold atoms per unit volume in the foil, from 
the relationship 
n= (atoms/mass) x (mass/volume) 


= (Nol) 
where Ny is Avogadro number, pọ the density of gold and w its atomic weight. 
Since M = 6:02 X 10% atoms/g mole, e = 19-32 g/cm? and w = 197, we have 


al 23 e 
n= 6.02 x 108 x 122 = 5:90 x 10% atoms/cm? 


The kinetic energy T of the alpha particle is 5 MeV, which is 50x 108 eV x 1:60 10-3* 
erg/eV = 8:0 X 10-* erg. f 


T = (1!2)mo? 
Therefore mè = 2 X 8:0 x 10-* erg. The atomic number Z of gold is 79, and 9 = 60°, From 


Eq. (2.6) we find that 


bit? (79) x 8 x 10) 
f(0) = 5:9 x 10% x 107 x (Seo I0 x (20) x 16 
= 3:05 x 107 


The magnitude of the deflection that an alpha particle experiences 
when it passes near an atomic nucleus depends on the magnitude of the 
latter’s charge. So by comparing the relative scattering of alpha parti- 
cles by different target materials the nuclear charge of the atoms involved 
can be estimated. It was found in this way that all of the atoms of any one 
element had the same nuclear charge, but from element to element in the 
periodic table the nuclear charge increased regularly. The nuclear 
charge was always found to be an integer multiple of + £; this integer, 
denoting the number of unit positive charges in the nucleus of an ele- 
ment, is called the atomic number of the element. 


2.5 Dimensions of the Nucleus 


As we have seen above, the Rutherford scattering of alpha particles is 
due to their interaction with the nucleus. The charge on the alpha parti- 
cle carrying two units of positive charge is + 2e and that on the nucleus 
having an integral number Z of positive charges is + X¢, and so, if Cou- 
lomb’s law applies, the repulsive force at a distance r from the nucleus is 

F = Rel? (2.7) 

Though the alpha particle and the atomic nucleus of the scattering 
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metallic foil both experience the force given by Eq. (2.7), the nucleus 
is so much more massive than the alpha particle that it remains fixed 
-during the interaction. We see, moreover, from Eq. (2.7) that the force 
on the alpha particle is inversely proportional to the square of its dist- 
ance from the nucleus. It is shown in advanced mechanics that such a 
force always results in an orbit. When the force is attractive such as that 
between the sun and planets of the solar system, the orbits are parabolas, 
ellipses, as also circles or straight lines as special cases of the latter. When, 
however, the force is repulsive the orbit is hyperbolic (or its degenerate 
form, a straight line). So in the present case, the path of the alpha parti- 
cle is, in general, a hyperbola with the nucleus at the outer focus (Fig. 
2.4). If the alpha particle is not perfectly aimed, as it will generally be 
the case, the particle will begin moving parallel to a line (AO), which 
is one asymptote of a hyperbolic orbit. Because of the repulsive force 
which varies with 1/r2, as given by Eq. (2.7), the alpha particle moves 
away from this asymptote of its trajectory and finally straightens out to 
become parallel to the other asymptote (OC) of the hyperbolic orbit. 
The alpha particle is thus scattered through an angle 0, which is the 
angle between these two asymptotes. While moving along a hyperbolic 
trajectory, as shown in Fig. 2.4, the alpha particle is nearest to the nuc- 
leus at the point B. If, however, no force were exerted on the alpha parti- 
cle, it would move past the nucleus along a straight line, viz. AO in the 
Present case, and the minimum distance to which the alpha particle 
would approach the nucleus under such a condition is called the impact 
parameter (b in Fig. 2.4). In other words, the impact parameter is the mini- 
mum distance between the nucleus and the asymptotic direction of 
approach of the alpha particle. The angle of scattering 0 is obviously 
related to the impact parameter 6; mathematically this relation is given by 

tan s = 2e? |mv?b (2.8) 
where m is the mass and v is the velocity of the particle; the charge on 
the nucleus is £e, corresponding to the atomic number X, and that on 
the alpha particle is 2e. 
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Fig. 2.4 Trajectory of an alpha particle scat- 
tered by the Rutherford nuclear atom 
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Example 2.2 A 5-MeV alpha particle is scattered by 10° when it approaches a gold nucleus 
(£ = 79). Calculate the impact parameter. 


Solution. From Eq. (2.8) 


Impact parameter b = — ike 
(mo?) (tan $) 

We have 

Z= 79 


e = 4-8 x 10710 e.s.u. (g1/2 cm 3/3 sec) 
mo? = 2 X kinetic energy 
= 2x 5 x 10° eV = 2 x 5x 108 x 1:6 x 1071 erg 
tan 0/2 = tan 5° = 0:0875 
Therefore, b = 2-6 x 10711 cm 


Example 2.3 Determine what fraction of a beam of 7:5-MeV alpha particles incident upon 
a3 x 10- cm thick gold foil is scattered by 90° or more. 


Solution. Implicit in Eq. (2.8) is the assumption that both the alpha particle and the nucleus 
it interacts with are small enough to be considered as point objects. Equation (2.8) further tells 
us that all alpha particles approaching a target nucleus with an impact parameter b or less will 
be scattered through an angle of 0 or more. We can therefore assume that an alpha particle that 
is initially projected anywhere within an area mb? around the nucleus would be ‘scattered 
through the angle 6 or more. The area 7b’ is thus, the cross-section for scattering through @ or 
more, per nucleus. If the metallic foil, used as a target, is of thickness t and contains n atoms per 
unit volume, a target area A of the foil contains ntA nuclei. The aggregate cross-section for 
scattering through angles of § or more is this number of target nuclei multiplied by the cross- 
section for such scattering per nucleus, i.e. ntArb?, The fraction f of incident alpha particles 
scatiered through 0 or more is then equal to the ratio between this aggregate cross-section and 
the total target area A. So, 
S = ntAnb®/A = nntb? 
Combining this with Eq. (2.8) we get 


JS = mnt ¢ Ey cot? 5 


mu? 
n = 5'9 x 10" atoms/cm? (from Example 2.1) 
t=3x 10 cm 
Z=79 
e = 48 x 107™ e.s.u. 
m? = 2 x 7:5 X 10% x 1:6 x 10744 erg 


cot z= cot 45° = 1 


Thercfore, f = 1:28 x 10° 
Thus, with a gold foil 3 x 105 cm thick approximately four alpha particles in 300,000 are 


deflected through 90° or more. 


At large values of 6, 0 will be practically zero and consequently the 
alpha particle will suffer little deflection (Fig. 2.5). This is the case of 
a wide miss, and this, in fact, is most common. The other extreme is the 
case of perfect aim, where the alpha particle is aimed perfectly at the 
nucleus; corresponding to this head-on approach, b is zero and so accord- 
ing to Eq. (2.8), 0 is 180°, which means that the alpha particle will be 
deflected back along the same line by which it approached (Fig. 2.5). 
Analysing this situation we can derive a simple expression for determin- 
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Incident beam 
of alpha particles 


Fig. 2.5 Schematic representation of the scattering of 
alpha particles by an atom showing that the scattering 
angle @ decreases with increasing impact parameter, b, 
When b is zero, asin the case of perfect aim, the particle 
is deflected back along the line of approach. The extra- 
nuclear region of the atom is occupied by atomic elec- 
trons, which, being so light, do not appreciably affect 
the motion of alpha particles. 


ing the size of the nucleus. Thus supposing, as a rough approximation, 
that the alpha particle commences to reverse its direction when its 
kinetic energy (mv*)/2 is equal to the potential energy [cf. Eq. (2.18)] 


due to repulsion as given by Eq. (2.7), the distance of closest approach 
To at which this occurs is given by 


$ mi? = se (2.9) 
Or To = 4 Zelm? (2.10) 


This řọ may be taken as the effective radius of the nucleus. The mass of 
the alpha particle, which is four times that of the hydrogen atom, is 4 x 
1-67 x 10-* g; the velocity v of an alpha particle is approximately 
2 x 10° cm per sec. Taking the electronic charge as 4:8 x 10-19 e.s.u. 
and taking Z as 79, which is the atomic number of gold, a typical foil 
material, the value of r, is found to be 2-72 x 10-12 cm. Other similar 
calculations made of the smallest distance of approach between an atomic 
nucleus and an alpha particle indicate that all nuclear radii are of the 


order of 10—12 to 10-18 cm. This is very much less than the radius of the _ 


space the atom occupies, as computed, for instance, from the density of 
the metal and the Avogadro number or from the kinetic theory of matter. 
The atomic radius is about 10-8 cm. The radius of an atomic nucleus 
must therefore be well under 1/10,000 the radius of the atom as a whole. 
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Furthermore, the distance of nearest approach as computed above is 
only an upper limit to the nuclear dimension at which Coulomb’s law 
still applies. It is thus clear that an atom is mostly ‘empty’ space, the 
most massive part of the atom being concentrated in a region of density 
about 10! g/cm’. 


2.6 Electron Orbits 


The Rutherford model of the atom that emerges from the above discus- 
sion is a tiny, massive, positively charged nucleus surrounded by elec- 
trons at a relatively large distance. The positive charge of the nucleus is 
equal to the atomic number of the element multiplied by the electronic 
charge, and the surrounding electrons are also equal in number to the 
atomic number of the element, so that the atom, as a whole, is electrically 
neutral. The electrons in the Rutherford atom cannot be stationary, 
since there is nothing to hold them in place against the electrostatic attrac- 
tive force exerted by the nucleus. The electrons are therefore postulated 
to move around the nucleus in dynamically stable orbits, in much the 
same way as the planets revolve round the sun. The application of New- 
ton’s laws of motion and Coulomb’s law of electric force to this model 
then affords a way of calculating the radius of the electron orbit. Thus, 
for instance, the total energy Æ, (which is the binding energy) of the 
orbital electron in the hydrogen atom is related to its orbit radius by 

E, =— e/2r ; (2.11) 

It is known from experiments that 13.6 eV is required to dissociate the 
hydrogen atom into a proton and an electron; so its binding energy E 
= — 13-6 eV. Taking the electronic charge e as 4-8 x 107° es.u. (g¥? 
cm?/2 sec-1) and the energy Æ; in ergs, as 13-6 x 1:6 x 10-12 erg, we can 
find the radius of the electron orbit in a hydrogen atom from Eq. (2.11) 
to be: 


ae es. (48 x 10729) 
(PET 2x (4136 X 16 X 10) 
= 0:53 x 10-8 cm 


This order of magnitude of an atomic radius is in satisfactory agree- 
ment with estimates made in other ways. : 

The Rutherford atomic model is therefore consistent with Newton’s 
laws of motion and with Coulomb’s law, both pillars of classical physics. 
But when viewed in terms of electromagnetic theory, another pillar of 
classical physics, the Rutherford atom appears to be highly unstable. 
Electromagnetic theory predicts that oscillating or revolving electric 
charges radiate energy in the form of electromagnetic waves, and the 
predictions, whenever they have been directly tested, have always 
accorded with experiment. Sọ the atomic electron, as it moves in an 
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Electron 


Fig. 2.6 An electron in the Rutherford atom spirals 
into the nucleus as it radiates energy due to acceleration 


orbit, will continuously lose energy in the form of electromagnetic waves, 


and will consequently move, as can be seen from Eq. (2.11), into orbits of 
successively smaller radii (Fig. 2.6) radiating more and more energy of 
higher and higher frequency, until it plunges into the nucleus when all 
its rotational energy has ‘been spent on the electromagnetic radiation. 
And all this could happen within an extremely short period of time. For 
instance, Bohr showed from calculations that the emission of electromag- 
netic radiation would cause the orbiting electron to lose all its energy and 
fall into the nucleus within one hundred-millionth of a second! This 
catastrophe would have to happen to a classical atom, postulated by 


Rutherford, consisting of a nucleus and electrons. But our experience — 


with atoms actually does not suggest that such a thing happens. 

The Rutherford model faces a further difficulty in explaining the 
experimentally observed fact that atoms produce sharp spectral lines. 
Since the spectrum of the atom would be related to the energy radiated 
by the orbiting electron and since this energy would be changing conti- 
nuously as the electron spiralled towards the nucleus revolving about it 
more and more rapidly, the spectrum produced would be expected to 
be continuous, covering all frequencies in a range, instead of consisting 
of well-defined lines that correspond to only definite frequencies. 

In order to overcome these difficulties, Niels Bohr (1913) made the 
revolutionary suggestion that electrons moved in definite, closed orbits, 
and that as long as the electron remained in the orbit it did not emit (or 
absorb) energy. This view was in direct opposition to the concepts en- 
shrined in classical theory. 

The Bohr model of the atom is, however, inaccurate and too mecha- 
nical for modern physics, Nevertheless, its great merit lies in the fact 
that it makes the understanding of modern concepts easier. And, on 
account of its mathematical simplicity, it still continues to find a number 
of applications. So the Bohr model will be first developed before discus- 
sing the more modern wave-mechanical concept of the atom. 


\ 
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2.7 The Bohr Theory 


The main concepts of the Bohr theory (1913) proposed to interpret the 
spectrum of hydrogen and hydrogen-like atoms are as follows: 


(i) Electrons revolve round the nucleus in definite, closed, stable orbits 
termed stationary states. As long as the electron moves in a closed orbit 
it is ‘prohibited’ from emitting any electromagnetic radiation. This view 
is in direct opposition to the concepts enshrined in conventional electro- 
dynamics. 

(iü) More than one stable orbit or stationary state is possible for any 
electron but the number of these possible stationary states is limited by 
the quantum condition that the angular momentum of the electron in 
its path about the nucleus must be an integral multiple of h/2x, where 
h is the Planck constant. 

(ii) Electrons may ‘jump’ from one orbit to another, in which case 
radiation of a definite frequency is emitted or absorbed, thus producing 
a definite spectral line. 


Though the above postulates appear incredible from the angle of 
classical conceptions, the sort of information about the atom and the 
atomic spectra which’ was available when Bohr had started thinking 
about them does, in fact, inevitably lead to these conclusions. We shall 
show this from the following line of argument. 

We observe that atoms emit exceedingly sharp spectral lines; coupling 
this fact with the knowledge of quantum theory we have gained thus far, 
it seems plausible that each line of the emission (or absorption) spectrum 
should be due to the emission (or absorption) of a photon, whose energy 
hy is equal to the difference between the initial and final energies of the 
extranucleay electron. The presence of discrete spectral lines therefore 
requires that the electron should lose (or absorb) its energy in finite 
steps; in other words, the electrons cannot take on any arbitrary energy, 
but could, instead, assume only a discrete set of energies. We may there- 
fore conclude that the electron must exist in distinctly different statio- 
nary states, i.e. states in each of which its energy remains constant. 

Each of these stationary states would have a definite energy and 
when the electron takes a jump, say, from the stationary state of energy 
E; to one of lower energy E, the photon emitted in this process will be 
given, according to the law of conservation of energy, by 


hy = Ey— Éi 
Hence, v = v/e = ae 2 (2.12) 


Eq. (2.12) affords a most simple explanation of Ritz’s combination 
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Fig. 2.7 Formation of the various series of 
emission spectra of atomic hydrogen 


principle. According’ to Eq. (2.12) the frequency (in terms of wavenum- 
ber) of an emitted photon, and hence that of the corresponding spectral 
line, is given by a difference of energies of two stationary states, divided 
by a constant hc. Ritz’s term values are, therefore, simply the appropriate 
energy levels of the electron, expressed in units of wavenumbers. The 
formation of the various series (see Table 2.1) in the atomic spectrum 
of hydrogen could then be ascribed to electron jumps between definite 
energy levels, as shown in Fig. 2.7. 


2.8 The Bohr Atom: Energy Levels and Spectra 


We have seen that Eq. (2.5) is an empirical formula but it precisely 
represents the entire known hydrogen spectrum. So far we have thus 
a correct but underived formula representing the hydrogen spectrum. 
` We now proceed to see how Bohr could derive this equation and the cor- 
rect value for the Rydberg constant on the basis of his postulates. For 
this we have to consider at first the mechanism of the situation. 


Bohr started with Rutherford’s planetary model of the atom. In the’ 


case of hydrogen, Bohr considered the atom to consist of the nucleus 
(i.e. a proton) with one electron revolving about it. Hydrogen, accord- 
ing to this model, is a tiny one-planet solar system in which the gravi- 
tational attractive force of the solar system has been replaced by Coulom- 
bic force of attraction between the oppositely charged particles. Both the 
gravitational and electrostatic forces are inversely proportional to the 
square of the distance between the bodies, In the solar system, planets 
have elliptical orbits, which are however nearly circular. Bohr assumed 
that the planetary electron of the hydrogen atom moves in a circular 
orbit, as it greatly simplifies the dynamical analysis of the problem from 
classical principles. 

Let v be the tangential velocity (Fig. 2.8) of the electron of mass m 
and charge — e revolving around the nucleus of charge + Ze in a circu- 
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Fig. 2.8 Electron revolving in a circular orbit 
about a fixed nucleus of charge + Ze 


lar orbit of radius r. (Z is the atomic number or the effective charge of 
the nucleus. For hydrogen Z is equal to 1. Here, however, we include 
Z for generality.) To keep the electron moving along the circular path 
there must be a centripetal force of magnitude mv?/r. The gravitational 
force between the electron and the nucleus is negligible, and so the 
centripetal force could be safely equated to the Coulombic force. Thus, 


m? Ze ; 
-eS ; AMEA E 
From Eq. (2.13) we find that 
r = ejm? (2.14) 


Eq. (2.14) provides a relationship between the variables v and r. 
Classical physics imposes no restriction on the number of solutions that 
Eq. (2.14) can have, that is, it permits any pair of values of v and r which 
satisfy Eq. (2.14). Bohr, however, assumed that not all the possible orbits 
that can be computed from Eq. (2.14) are permitted, but only those which 
satisfy a certain condition, as we shall see below. 

The total energy Æ; of the atom is given by the sum of the kinetic 
energy E and potential energy Ep of the orbital electron, Re: 


E, = Ek + E (2.15) 
The kinetic energy is given by 
E; = 4 m? 
Combining this relation with Eq. (2.13) 
IET a (2.16) 
Vt 


Before deducing the expression for the potential energy Ep, a few 
words need be said about the energy concepts. Every energy calculation 
is, fundamentally, the result of the evaluation of either a definite integral 
(which involves an initial and a final state) or an indefinite integral 
(which involves an arbitrary constant). We arbitrarily assign, for the 
sake of convenience, a certain energy to a particular state. Thus when 
considering kinetic energy we take the body at rest as having no kinetic 
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energy, and when we say that the potential energy of a mass m at a height 
x above a reference plane is mgx we necessarily mean that at x = 0, the 
potential energy is zero. 

In energy calculations relating to a planetary electron, the usual 
convention of the field theory is used, namely that the potential energy 
of the electron is zero when it is at rest infinitely far from the nucleus, 
When an electron moves closer to the positive nucleus, it does work and 
consequently loses electric potential energy. But since the potential 
energy of the electron is zero at infinity, it must become more and 
more negative as the electron approaches the nucleus. 

It follows from the above discussion that, in order to derive an expres- 
sion for the electric potential energy, Ep, of an electron at a finite distance 
from the nucleus, we should integrate the differential work done by the 
electron which is given by the product of the electrostatic force exerted 
by the nucleus on the electron and a differential displacement along the 
direction of action of the force. The limits of integration are, evidently, 
infinity and the radius of the electron orbit r: 


Tr 
Ey =S Far (2.17) 
œ 
The electrostatic force F, as stated previously, is equal to 2¢2/r?. Hence, 
-|E r- 2 (2.18) 
r r 


From Bde (2.15), (2.16) and (2.18) 
Sik da SGauksat Alama T] (2.19) 


r r 2r 

The total energy of an atomic electron is thus negative; this is, how- 
ever, necessary if the electron is to be bound to the nucleus, for with E, 
greater than zero, the electron would have too much energy to remain 
in a closed orbit round the nucleus. 

In the present case where we are concerned with a small particle like 
an electron revolving in an orbit the expression for angular momentum 
is quite simple. Just as linear momentum is given by the product of mass 
and velocity, angular momentum, which is the momentum a body has 
by virtue of its rotation, is given by the product of the moment of inertia 
J and the angular speed w. The angular momentum of any body is thus 
given by Je. For a single particle the moment of inertia J is the mass of 
the particle times the square of its distance from the axis of rotation, i.e. 
mr?. We can also express the angular speed of rotation w as vjr, and hence 
the angular momentum of the electron is simply mor. Denoting this angu- 
lar momentum by fp, 


Pq = mor (2.20) 
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From Eqs. (2.14) and (2.20) we find 


r = pọ’ [mke (2.21) 
Substituting this value of r in Eq. (2.19), 
í met 
E=— Wet (2.22) 


As we have explained previously, Ritz’s term values can be looked 
upon as energies of appropriate stationary levels, and hence it appears 
from Eq. (2.5) that the energy of a stationary level is inversely propor- 
tional to the square of an integer. But according to Eq, (2.22) the energy 
is inversely proportional to fp’. This suggests that the angular momentum 
po is proportional to an integer, say, n. Since the Planck constant hhas the 
same dimension as angular momentum, Bohr postulated that 


fo =” (+) (2.23) 


[No particular physical significance is attached to the factor 2x in 
Eq. (2.23), for the Planck constant could as well have been 4/27 instead 
of being simply 4. Planck took the energy E of a radiation as equal to hv 
and used the frequency v in cycles per second. If, instead of this, he had 
used angular frequency f, in radians per second, given by f= 2nv, then 
his constant would have been A/27, since hy = (h21) (2nv) = (h/27)f-] 

Through Eq. (2.23) Bohr actually postulated that the angular momenta 
of the planetary electrons are integral multiples of 4/27, or, in other 
words, the angular momentum is quantized in units of hj2x. There was 
no justification for this postulate on classical grounds but Bohr showed 
that by using it one could derive the empirical formula suggested previ- 
ously for the hydrogen spectrum, as we shall presently see. 


Energy levels. Substituting fg from Eq. (2.23) into Eq. (2.22) we get 
the quantized energy En as: 
Wn®Z2e4m 

E,=— a (2.24) 

The energy of an electron in the circular orbit characterized by the 
quantum number n, i.e. having an angular momentum nh/2x, is thus 
E,, as given by Eq. (2.24). We cannot, however, call this Z, precisely 
the energy of the electron, because in its derivation we have so far 
assumed that the electron moves about a stationary nucleus; in fact, the 
nucleus cannot really be at rest, for we know from the laws of dynamics 
that whenever a particle moves in a circle about another particle of 
finite mass, the latter also must move in a circle about the common centre 
of mass (Fig. 2.9). To correct the above expression for En, we must there- 
fore, take into account the motion of the nucleus. There is a theorem in 
mechanics which often simplifies considerably the analysis of the motions 
of bodies. In a two-body problem, such as the present one, this theorem 
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Fig. 2.9 As the electron moves in a circle about 
the hydrogen nucleus, the latter also moves ina 
circle about the common centre of mass. The 
centripetal force on the electron depends upon 
the radius of its orbit rg, while the electrostatic 
force depends upon the distance r between the 
electron and the nucleus. 


Hydrogen 
nucleus 


Common centre 
of mass 


states that the motion of one body may be neglected if the mass of the 

other body is replaced by the reduced mass of the two bodies (vide Appen- 

dix 1), which is defined as the product divided by the sum of the two 

masses, i.e. mM/(m + M) or m|(1 + m/M). Replacing the electron 

mass m in Eq. (2.24) by the reduced mass we obtain 
m Pad IA ty 

Ge am (1+ m/M) hèn? 

Eq. (2.25) now correctly describes the energy of the electron. Similarly, 
in all other equations the electron mass should be replaced by the reduced 
mass. 

Energy levels are most conveniently expressed in electron-volts. Eq. 
(2.25) gives the energy levels of a one-electron atom. Upon substituting 
the values of the constants in this equation and putting Z = 1, we find 
that the energy levels of the hydrogen atom are given by 
=i 3 (in eV). (2.26) 

Fig. (2.10) graphically represents these energy levels, the quantum 
numbers being shown at the left and the corresponding energies of the 
hydrogen atom in electron volts at the right. The lowest energy level 
E, is called the ground state of the atom, and higher levels Ey, Es, Es: 
Fiestas , are called excited states. As the value of n increases, the value of 


(2.25) 


E, =— 


the energy is zero. 


Relation of spectral lines to energy levels. A hydrogen atom is 
usually in the nurmal state, called the ground state, with n = 1,-An electron 
in this ground state is stable and moves without radiating energy. How- 
ever, if the electron absorbs energy in some way it becomes excited and 
moves to a higher energy level. This ‘excitement’ can be brought about 
in a variety of ways. If the hydrogen is heated, the electron may be exci- 
ted by a collision due to thermal. motion. If the hydrogen is illuminated, 
the electron may absorb energy from a photon of the illuminating light. 
If the hydrogen is subjected to an electric discharge, a free electron or 
atomic ion which has been accelerated may collide with it and impart 
energy. If the electron absorbs, for instance, just 13-58 eV in one of these 
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Fig. 2.10 Energy-level diagram of atomic hydrogen. Spectral 
lines originate in transitiéns between energy levels 


ways, it is lifted ton = œ with no potential energy left over. The electron 
in this case being merely freed from the bounds of the nucleus, drifts about 
with only its thermal kinetic energy. If, however, the electron absorbs 
more than 13-58. eV energy, the freed electron possesses some additional 
kinetic energy; for example, if 20 eV of energy is absorbed, the electron 
made free of its home nucleus carries with it (20— 13-58) or 6:42 eV 
of extra kinetic energy. In both these cases the remaining nucleus is an 
ion, and the atom is said to be ionized. Tf, however, the energy supplied 
is less than 13-58 eV, the electron can absorb only the right amount of 
energy that will raise it to one of the permitted energy levels. It can, for 
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instance, absorb (— 3-39+13:58) or 10-19 eV of energy which will raise 
it to the second energy level, or it may absorb (— 1:51 + 13:58) or 12:07 
eV and so on. The atom in this case is excited but not ionized. 

The excited electron next makes a return trip to its normal state, either 
in one step or in a number of successive steps. For instance, if it was ex- 
cited to n = 4, it may return to n = | in one step, or it may also follow 
the sequence 4-> 3 —> 2 —> l, or 4>3 1, or 4>2—>1. 

Bohr’s third postulate, as stated earlier, says that when an electron 
jumps from one orbit to another the energy difference between these 
two states of motion is radiated all at once as a single photon of light. 
Let the quantum number 2, represent a higher energy state and n a lower 
energy state (n, > m), then the above postulate can be written as 

hy = En,— En, (2.27) 

Fig. 2.10, which represents Eq. (2.27), shows schematically how spec- 
tral lines are related to the energy levels. 

Substituting for the energies from Eq. (2.25) we have for the fre- 
quency v of the corresponding line in the emission spectrum: 

Qn? Z2 etm (1 1 ) 
= -4m/M) a as (2.28) 

The frequency, expressed in wavenumber, y is obtained by dividing 
v by the velocity of light c; thus, 

—_ 2m etm ( 1 1 ) 

YTE + m/M)\n? n? (2.23) 
Eq. (2.29) can be rewriten in the form 

v 


v 


1 1 
= RZ (2. mie ) (2.30) 
so that, 
Qn? etm 

R= arf mM) (2.31) 
For hydrogen Z = 1, hence 

= 1 1 y 

v= r(4-<) (2.32) 


The correctness of the Bohr theory is proved by the fact that Eq. 
(2.32) is identical in form with the empirical but precise formula of Eq. 
(2.5) embodying the combination principle discovered earlier by Ritz. 

The merit of the Bohr theory is that it gives not only the form of the 
empirical equation (2.5) for the entire spectrum of hydrogen, but also 
a very good value for the Rydberg constant. For hydrogen, for instance, 
the mass M of the nucleus (i.e. proton) is 1-673 x 10-* g, while the 
other quantities involved in Eq. (2.31) are universal constants: 4 = 
6-624 x 10-27 erg sec, c= 29977 x 10° cm/sec, e = 4-802 x 1077? 
es.u., m = 9-107 x 1078 g. Substituting these values in Eq. (2.31) 
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we obtain the Rydberg constant for hydrogen Ry = 1096 x 102 cmt, 
which is in excellent agreement with the experimental value, 109,677°8 
cm7}. ; 

Equation (2.30) has been derived for an atomic system in which only 
one electron moves round the central nucleus. It thus represents the 
spectra not only of atomic hydrogen but also of hydrogen-like (i.e. one 
electron) systems, such as singly ionized helium Het, doubly ionized 
lithium Lit? and trebly ionized beryllium Bet, The spectrum of Het 
is obtained by taking Z = 2, the spectrum of Lit? is obtained by taking 
Z=3, and the spectrum of Bet is obtained by taking £ = 4. Dif- 
ferences in the nuclear mass M for the respective systems referred to will 
evidently cause slight variation in the value of the Rydberg constant 
according to Eq. (2.31). For heavier atoms, that is for higher values of 
M, the Rydberg constant will be somewhat greater. It will however 
approach a limiting value for atoms of high atomic weight. 

Moreover, since R is related to energy levels, the slight variation of 
R with nuclear mass will be expected to give rise to slight differences in 
the spectra of various one-electron systems. For instance, the first line of 


the Balmer series of hydrogen is 1-79A greater than the corresponding 
line in the spectrum of heavy hydrogen (deuterium), and this can be 
explained by the fact that the mass of a deuterium nucleus is twice that 
of a hydrogen nucleus. It is indeed a triumph of the Bohr atomic model 
that the differences between the atomic spectra of ordinary hydrogen 
and of deuterium can be attributed to, the influence of the mass of the 
nucleus. The discovery of deuterium was, in fact, first made spectro- 
scopically by Urey in 1932. 


Radius of the hydrogen atom. The radii of hydrogen orbits can be 
calculated from Bohr’s theory by combining Eqs. (2.13) and (2.23). 
Since Z is unity for hydrogen, we get from Eq, (2.13) 


v? = /mr (2.33) 
It is also readily deduced from Eq. (2.23) that i 
nh? 
ELETAN 
0 = Fame (2.34) 
By combining Eqs. (2.33) and (2.34) it is found that 
r = nh? jAn?me? (2.35) 


Using known values of h, m, and e, the radius of the first Bohr orbit, 
that is when 7 is 1, is found to be 0:53 x 10-8 cm. It should then represent 
the radius of the normal hydrogen atom, that is, when the electron 
occupies the lowest level. This radius is found to be of the same order 
as the radius of the hydrogen atom, determined from the spectrum of 
the hydrogen molecule. 
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2.9 The Franck-Hertz Experiment 


Starting in 1913, shortly after Bohr announced his theory of the hydrogen 
atom, Franck and Hertz performed a series of experiments which pro- 
vided direct confirmation of the presence of discrete energy levels within 
atoms and, furthermore, demonstrated that these levels are the same as 
those suggested by the study of atomic spectra. The basic ideas of Bohr 
thus received independent confirmation from the Franck-Hertz electrical 
experiments. Spectroscopic values of energy levels are, however, usually 
more accurate than the electrical values, so that the main use of the 


.. Franck-Hertz experiments is the confirmation of the existence of energy ` 


levels within atoms. 

One way of raising atoms to excited states is bombardment by electrons, 
and this coupled with the fact that the energy of bombarding electrons 
can be controlled affords an electrical method for measuring the energy 
levels of atoms. Consider an arrangement as shown in Fig. 2.11. The 
radio-tube-type tube contains a filament-heated cathode, a plate as anode 
and is filled by the gas being studied. As the accelerating potential, i.e. 
the potential difference between the anode and the cathode, is increased, 
it is found that at a certain potential the current begins to increase more 
rapidly than before, as shown in Fig. 2.12 for the hydrogen-filled tube. 
The value of the critical potential in this case is found to be 13.6 V. The 
marked increase in the plate current at the critical potential is attributed 


to the ionization of the gas atoms that are present. When the accelerating’ 


Gas . 
inlet Anode 


Fig. 2.11 Apparatus for determining ionization 
potential of a gas 


(Plate EER 


Fig. 2.12 Variation of plate current with accelerating 
potential in a hydrogen-filled tube 


Accelerating potential, V 
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potential reaches the critical value, some of the electrons emitted from 
the cathode acquire enough energy to knock orbital electrons off the 
colliding gas atoms. ‘This critical potential is thus the ionization potential. 
The electrons liberated by ionization add to the plate current, while the 
positive ions cancel some of the space charge, thus causing further increase 
„in the current. Experimenting with hydrogen gas, the aforesaid ioniza- 
tion potential is found to be 13.6 V, which means that a bombarding 
electron with 13.6 eV energy can just ionize a hydrogen atom. Thus the 
ionization energy of atomic hydrogen representing, in terms of the energy 
level concept of Bohr, the difference between the energy levels at n = 1 
and n= œ, is 13.6 eV; it is a remarkable fact that this value, derived 
from electrical measurement, is in excellent agreement with that measured 
by the very different technique of spectroscopy. It can be seen from ° 
Fig. 2.12 that the two straight line portions of the graph do not actually 
meet at a point, but are joined by a short curved part, which is explained 
by the fact that the electrons themselves are emitted from the cathode 
with an initial velocity distribution, and consequently, some of them 
acquire the necessary energy for producing ionization at lower accelerat- 
ing potentials than others. This short curved part notwithstanding, the 
` break in the current-voltage curve of Fig. 2.12 is quite abrupt, which 
indicates that ionization of an atom is produced by collision with a single - 
electron. If the ionization of the hydrogen atom could be produced by 
the combined efforts of several low energy electrons, the abrupt change 
of slope would not be observed. 


Elastic and inelastic collisions. We know from the aforesaid experi- 
ment that there is a minimum potential through which electrons must be 
accelerated before they can produce ionization by raising the orbital 
electrons from their lowest energy state, i.e. ground state, to infinity. 
But even before the bombarding electrons can acquire enough energy to 
cause ionization of the gas atoms, they may however have enough energy 
to raise the orbital electron to an excited state. As we have already noted, 
the orbital electron can absorb only certain definite amounts of energies 
represented by transitions between energy levels. When an orbital electron, 
on being hit by a high-energy bombarding electron, absorbs a certain 
energy by makingea transition, the latter is left with that much less 
energy: Such a collision in which the bombarding electron is left with 
less energy than it had before the collision is said to be inelastic. But if the 
bombarding electron possesses less energy than the minimum required 
for an energy transition of the orbital electron, the latter absorbs no energy 
from the bombarding electron and the collision is said to be perfectly 


elastic. 


Resonance potentials. A look at Fig. 2.10 reveals that the least amount 
of energy that the orbital electron in the ground state can absorb is 
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13-58 — 3-39 or 10:19 eV. Now, considering the aforesaid ionization 
experiment, as the potential difference across the tube is increased, the 
electrons coming from the heated cathode are accelerated to higher and 
higher velocities. And when, in this process, a bombarding electron 
acquires an energy of 10-19 eV it can ‘resonate’ with hydrogen and 
transfer its energy completely to the latter. After transferring its energy 
the electron moves more slowly while the hydrogen exhibits its ‘excite- 
ment? by emitting radiation, which is evidently caused by the return of 
the excited electron from n=2 to n= 1. This resonance radiation 
therefore corresponds to a line of the Lyman series in the ultraviolet 
region and can accordingly be detected by ultraviolet spectroscopy. 
Since this resonance produces no ioniziation, the current through the 
tube is not changed. Consequently, the resonance phenomenon cannot be 
demonstrated electronically with the simple tube shown in Fig. 2 UN, 
and for this we need a more elaborate tube such as that used by Franck 
and Hertz, the principal parts of which are shown schematically in 
Fig. 2.13. 

Since the effect of resonance on the bombarding electron is to slow it 
down, we need, for observing the-resonance phenomenon electronically, 
a device which will measure the energy of the bombarding electron 
after it has undergone collision. The tube shown in Fig. 2.13 incorporates 
such a device. The technique involved is very much same as the one we 
have earlier encountered in our consideration of the photoelectric effect, 
where the energy of photoelectrons is measured by making them move 
against the force of an electric field, and the energy of photoelectrons is 
given by the stopping potential. The anode of the ionization tube of Fig. 
2.13 is perforated or made of wire mesh so that some of the bombarding 
electrons will pass through the anode rather than hit it. In order to measure 
the energy of these electrons a collector electrode is inserted in the tube 
beyond the perforated anode and is maintained less positive than the 
anode. The electrons that pass through the anode are thus slowed by the 
field between the anode and the collector electrode. Suppose the potential 
of this field is 0-5 V (Fig. 2.13). Then the electrons which reach the 
collector electrode must have passed through the perforated anode with 
an energy of 0:5 eV at the least. 


Gas 
inlet 


Anode Collector 


0.5 Volt 
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Fig. 2.13 Apparatus for determining resonance 
potential of a gas 
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The experimental procedure now suggests itself. The collector current 
is measured as a function of the accelerating potential V, i.e. the potential 
difference between the cathode and the anode. Fig. 2.14 shows typical 
results of such an experiment for hydrogen. As we have applied a retard- 
ing potential of 0-5 V there is no collector current from V = 0 to V = 
0-5 V. However, above V = 0:5 V the collector current increases because 
the number of electrons which have at least the minimum energy (0-5 eV) 
required to surmount the 0-5 V barrier increases. But when V reaches 
the resonance potential of the gas, 10-2 V in the present case, the collector 
current drops abruptly. The interpretation of this effect is that some of 
the bombarding electrons are slowed down by inelastic collisions with 
orbital electrons in the gas. As V is further stepped up, the current again 
increases, and this happens because, the field being stronger, bombarding 
electrons can transfer energy to orbital electrons by inelastic collision at 
an early stage and then undergo enough acceleration to overcome the 
0-5 V barrier. Fig. 2.14 shows a second dip at an accelerating potential 
of about 20:4 volt. Since this is twice the resonance potential, the second 
dip is evidently caused by two inelastic collisions of the same kind. The 
third dip is similarly due to three successive inelastic collisions by the same 
bombarding electron with three gas atoms. The separation of successive 
resonance peaks is found to be 10:2 V for hydrogen. These electronic 
data thus indicate that a minimum electron energy of 10:2 eV is required 
to bring about the ‘excitement’ of the hydrogen atom. The aforesaid 
electronic experiment thus provides an independent confirmation of the 
spectroscopic observations and further strengthens the energy level 
concept of Bohr. (It should be mentioned that if the tube shown in Fig. 
9.13 is used the second resonance peak will be masked by the effects of 
ionization of the gas which starts at 13-6 V. However, by using a more 
complicated tube the resonance and ionization effects can be differen- 
tiated. Fig. 2.14 depicts only the resonance effects for hydrogen.) 


Collector current 
(Arbitrary units) 
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Fig. 2.14 Resonance potentia) curve for hydrogen 
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Franck and Hertz also checked the above interpretation of resonance 
potential by observing the ‘emission spectra of vapours during electron 
bombardment. In the case of mercury vapour, for example, they found 


that the resonance potential of 4:9 V excited the 2536 A spectral line of 
mercury, while according to Bohr’s theory the 2536 A line is associated 
with the emission of photon of energy 4:9 eV. 
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Problems 


2.1 An alpha particle having a kinetic energy of 5-MeV is projected directly towards the 
nucleus of a thorium atom. What is their distance of closest approach? The mass of an alpha 
particle is four times that of the proton and the atomic number of thorium is 90. 
2.2 What fraction of a beam of 8-MeV alpha particles incident upon a gold foil 0:0004 mm 
thick is scattered by less than 10°? 
2.3 Calculate the binding energy (in Joules and in eV) of the electron in hydrogen in the grourd 
state. 
2.4 Evaluate from atomic constants the Rydberg constant for the three isotopes of hydrogen, 
Ht; deuterium, H?; and tritium, H?. (Ans: 109668-7 cm™, 109698-5 cm™ and 109708-5 cm™) 
2.5 The values of the Rydberg constant for hydrogen and singly ionized helium are 109677-76 
cm and 109722.4 cm respectively. The helium nucleus has 3-9726 times the mass of the 
hydrogen nucleus or proton. Calculate the ratio of the mass of the proton to that of the electron. 
(Ans: 1839) 
2.6 Calculate the wavelengths of the first four spectral line of the Balmer series of hydrogen. 
Compute also the series limit. 
2.7 Calculate the wavelength of the Hg liné in the Balmer series for the three isotopes of hydro- 
gen, viz., hydrogen, deuterium and tritium. (Ans: 4863-13 A, 4861-80 Å and 4861-36 A) 
2.8 Ifa mixture of ordinary hydrogen and tritium is excited and its spectrum observed, how 
far apart in wavelength would the H, lines of the two kinds of hydrogen be? 
2.9 How many different possibilities of spectral line emission are there for the hydrogen atom 
when the electron is excited to the n = 4 state? Compute the wavelengths and frequencies of 
these lines. ; 
2.10 Compute the value of the largest wavelength found in the Paschen series. (Ans: 18750A) 
2.11 Electrons accelerated through 12-85 V strike hydrogen gas. Compute the wavelengths 
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of all spectral lines which could be observed. 
2.12 What excitation potential is needed to bring out the first line of the Balmer series of hydro- 
gen (65628 A) by electron bombardment? 
2.13 (a) The spectra of Het (Z = 2), Li+! (Z = 3), and Bet# (Z = 4) are very much like 
that of H° (Z = 1). Why? 
(b) Calculate the wavelength, in angstroms, of the first spectral lines in the Balmer series for 
Het, Lit, and Bet’, respectively. 
2,14 Given the ionization potential of atomic hydrogen as 13-6 eV, calculate iom this the 
ionization potentials of the following ionic species: 

Het, Li+?, Be+?, B+‘, C+5 


Chapter 3 


Electronic Configuration of Atoms 


3.1 Introduction 


The Bohr theory as outlined in Chapter 2 gives the positions of the lines 
in hydrogen spectrum in terms of a single quantum number n, called the 
principal quantum number. When observed with spectroscopes of high 
resolving power, the hydrogen spectral line is found to have a fine 


structure, i.e. it appears as a set of closely-spaced components. The fine 


structure of spectral lines of other elements is often observable even with 
spectroscopes of smaller resolving power. (Thus, for instance, ordinary 
spectroscopes are often able to separate the yellow line of the sodium 
atom spectrum into two lines differing in wavelength by about 6 Å.) It 
turns out, therefore, that energy levels associated with the spectral lines 
have fine structure. Further subdivision of spectral lines, and hence of 
energy levels, also occurs if the substance under study is placed in a 
magnetic field or an electric field. These are known as the Zeeman effect 
and Stark effect, respectively. It is thus obvious that one quantum number 
is inadequate and that additional quantum numbers are needed in order 
to specify in detail the energy levels of atomic electrons. Actually, four 
quantum numbers are necessary as we shall see in the following. 


3.2 Azimuthal Quantum Number 


Planetary motion under the inftuence of a central force, results in 
general, in elliptical orbits with the central body (such as the atomic 
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nucleus, in the present case) situated at a focus. (The circular orbit is also 
possible, but it is then a special case of an elliptical orbit with the major 
and minor axes having the same length.) An obvious extension of the 
Bohr model would thus be to allow for the possibility of elliptical orbits. 
This extension was made by Sommerfeld in 1915 in the following 
manner. 

In contrast to the case of circular orbits, where only the angular 
position of the electron from the nucleus changes during a revolution, in 
the case of elliptical orbits, however, both the distance of the electron 
from the nucleus and its angular position change simultaneously. Thus, 
since the motion of a particle in an ellipse has two degrees of freedom, 
two quantum numbers are needed to represent the electronic motion in 
place of one employed by Bohr. 

The tangential velocity and hence the momentum of a particle moving 
in an ellipse may be resolved into two components, one along the radius 
vector and the other at right angles to it. The latter represents the 
angular momentum and, applying quantizing condition in line with the 
treatment used by Bohr, this may be supposed to have one of a definite 
series of values, given by the expression 4(h/2m). Here k is an integer, and 
is called the azimuthal quantum number. The momentum in the direction of 
the radius vector is also quantized in the same way, the integer in this 
case being called the radial quantum number and represented by ny. 

Using a combination of the two momenta, in place of one in Bohr’s 
treatment outlined above, we get the following equation for the energy of 
the electron in a hydrogen-like atom: 

m° Zé m 
E=- = (3.1) 
h“ (ny +k) (1+m/M) 


Eq. (3.1) may be written as 


on Z m (3.2) 
a hi (1+m/M) 5 


where n representing the sum of ny and k, both of which are whole 
numbers, is evidently an integer. The number n is now called the 
principal quantum number. Since Eq. (3.2) is identical with Eq. (2.25), 
deduced for circular orbits, it is proved that in terms of the principal 
quantum number the energy of the elliptical orbits is given by the same 
formula as for the circular orbits. 

It can be proved by the methods of classical dynamics that the ratio of 
n to k is the same as the ratio of the major to minor axis of an elliptical 
orbit in which the electron is supposed to revolve; thus, 

, n length of major axis 


k length of minor axis 


48 Atomic Structure and Chemical Bond 


The principal quantum number n, thus, determines the major axis of the 
elliptical orbit, which is the same as the diameter of the Bohr circular 
orbit, being equal to twice the radius given by Eq. (2.35). The azimuthal 
quantum number k, on the other hand, determines the minor axis or the 
eccentricity of the elliptical orbit. Both n and k being integers, the 
quantum number k, for a given value of n, may nave n values, viz., n, 
n—-1l,... 1; k cannot be zero, since in that case the minor axis of the 
ellipse would be zero, that is, the elliptical orbit would be reduced to a 
straight line passing through the nucleus of the atom; however, this type 
of linear motion does not appear possible when the electron is regarded, 
as in the present model, as a particle moving in a definite path. When K is 
equal to n, the orbit is circular, whereas for other values there result 
elliptical orbits with different eccentricities. The smaller the value of k. 
for any n, the greater is the eccentricity of the elliptical orbit and more 
deeply does it penetrate into the core of the atom. The Bohr-Sommerfeld 
orbits for different values of n and k are presented in Fig. 3.1. 


n=l 
K=1,l20 


K=3 Fig. 3.1 Bohr-Sommerfeld orbits forn= 1.2.3 
(ag is the radius of the first Bohr orbit.) 


Since n equals the sum of ny and k, it follows that for all orbits having 
the same principal quantum number n, the energies as derived by Eq. 
(3.1) are the same, irrespective of the value of k. This would therefore 
lead to the same result as obtained from the Bohr model. But there is a 
necessity, as was first pointed out by Sommerfeld, for a correction term to 
take into account the fact that the actual velocity of an electron, as 4 
consequence of its movement in an elliptical orbit, is not uniform; thus 
the velocity of the electron in its ‘perihelion’ position, that is when it is 
closest to the nucleus, is greater than when it is farthest from the nucleus, 
that is in the ‘aphelion’ position. 

This velocity variation will cause difference in the effective mass of the 
electron at different positions of its orbit. According to the theory of 
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relativity, the effective mass m of a particle moving with a velocity v is 
given by 


wire N in vets (3.3) 


where mọ is the so-called rest mass, i.e. the mass of the particle at rest, 
and c is the velocity of light. It follows from Eq. (3.3) that the effective 
mass of the electron will vary with its velocity, being greatest at 
perihelion and least at aphelion. Taking into consideration this 
relativistic mass change, the energy of the electron in a hydrogen-like, i.e. 
one-electron, atom is found to be 


272,4 ` 
EZ m [1+ a2z? a Š saN (3.4) 
nh? (1-+m/M) 5 an! 


where a, known as the fine-structure constant, is given by Qne2/hc and is 
equal to 1/137.0. 

It will be seen from Eq. (3.4) that, for a given principal quantum 
number n, the energy in any orbit depends, to some extent, on the value 
of k. Consequently, the frequency of the radiation emitted in electron 
transition from a level ng to a level n} would be slightly different 
depending on the various values of k, and so in the spectra of 
hydrogen-like atoms a group of closely spaced lines should appear instead 
of a single line. For large n, since k can assume many values, it would 
appear that the number of fine structure lines would also be very large. 
However, this is not so in practice and the actual number of lines is 
limited—a fact that is explained by the selection principle, according to 
which k always changes by one unit only, or in other words, those 
transitions, only are allowed in which A kis+1. A theoretical inter- 
pretation of this selection principle has been provided by wave 
mechanics. ‘A 

Applied to the Balmer series of hydrogen and to the spectrum of 
ionized helium, the formula of Eq. (3.4) leads to calculated values of 
frequency separations in good agreement with those observed for a few 
fine-structure lines. Moreover, since Eq. (3.4) involves Z 4 the frequency 
separation should depend on the fourth power of the effective nuclear 
charge. The frequency separation for singly ionized helium should thus 
be of or 16 times as great as for hydrogen. This has been corroborated by 
experimental observations. 

It is now necessary to point out a weakness of the Sommerfeld method 
of elliptical orbits, as described above. This method of course affords the 
correct total of possible azimuthal quantum numbers, namely, that for 
any principal quantum number n there is a total ofn different quantum . 
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numbers; but the actual values assigned to azimuthal quantum numbers 
are incorrect. Experimental observation as well as the theoretical 
treatment based on wave mechanics show that the azimuthal quantum 
number begins with zero, so that, corresponding to a given value of n for 
the principal quantum number, the values of the azimuthal quantum 
number are 0,1,2, ... n— 1, making a total of n possibilities. The new 
azimuthal quantum number is given the symbol 1 in order to avoid the 
risk of confusion with the earlier one; l is therefore related to k by 
| =k — 1. Henceforth the azimuthal quantum number l will be adopted in 
all discussions. 

It has been noted previously that the azimuthal quantum number 
specifies the number of units of angular momentum (h/2n) associated 
with an electron in a given orbit. Now, since for n=1, | must equal 
zero, it follows that the electron in the smallest orbit will have no angular 
momentum. For a larger orbit, such as one with n=3, there are three 
values of l, viz., 0, 1 and 2, and hence three possible orbital shapes or 
eccentricities: (i) a straight line orbit through the nucleus without 
angular momentum for |= 0, (ii) an ellipse with an angular momentum 
(h/2n) for 1=1, and (iii) a ‘rounder’ ellipse with greater angular 
momentum 2(h/2z), for l =2, It may seem to be absurd, mechanically, 
that an electron passes through the nucleus as envisaged by the 
straight-line orbit for |= 0, but in the treatment of wave mechanics it is 
found to be reasonable. 


3.3 Magnetic Quantum Number 


In a strong magnetic field the lines of the spectrum are split up; this is 
called Zeeman effect. There is also a splitting of lines by an electric field 
which is known as the Stark effect. The presence of more lines 
in the spectrum of an atom in a magnetic or an electric field indicates 
that the energy levels are further sub-divided by the field. An additional 
quantum number, called the magnetic quantum number, is therefore needed 
to specify these energy sublevels, as shown below. 

The electron rotating in its orbit is equivalent to a current in a loop of 
wire. A current circulating in a closed loop is equivalent to a magnetic 
dipole and has thus a magnetic moment associated with it. Consequently, 
when the atom is placed in an external magnetic or electric field, each 
electronic orbit will be subject to a torque. 

The angular momentum of a spinning system can be represented by 4 
vector along the spin axis witha magnitude Zw, where J is the moment of 
inertia and w the angular velocity. Let us consider a particle rotating with 

, uniform angular velocity œ about an axis x. The angular velocity can be 
~ represented by a vector of length m extending along x in the direction iv 
which a right-handed screw would advance if subjected to the same 
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rotation as the particle ( ‘right-hand screw rule’). Since I is a scalar, the 
vector representing the angular momentum, Iw, will be in the same 
direction asw . Moreover, we have seen earlier that the angular 
momentum of an electron in a given orbit is determined by the 
azimuthal quantum number | , the orbital angular momentum being 
equal to / (h/2n)* The latter quantity can therefore be vectorially 
represented, as shown in Fig.3.2,by a straight line of length l extending 
along the axis of rotation in the same direction as w. 


l 


Fig. 3.2 Vector representation of orbital angular momentum. 


Since each electronic orbit has a magnetic moment, in a magnetic field 
the electronic orbit will be subject to a torque which tends to make the | 
vector parallel to the field. Because of this righting torque exerted by the 
field on the electronic orbit, the / vector will precess about the field, as 
shown in Fig. 3.3. A familiar example of precession is provided by a 
spinning top; its angular momentum vector (along the spin axis) does not 
line up with the direction of the gravitational field but precesses around 
this direction. The precession of an electronic orbit in a magnetic field 
(Fig. 3.3) is called the Larmor precession ; this precessional motion of the 
orbit introduces additional energy states into the atomic system. The 
amount of energy of any of these new energy states depends upon the 
precessional velocity, which again depends upor the righting torque, and 
the righting torque, in turn, depends upon 6, the angle between the / 
vector and the external magnetic field (Fig. 3.3). Hence, the number of 


Fig. 3.3 Larmor precession of an electron orbit ina magnetic field. 


energy states will be determined by th: number of possible values of 8. If 
all values of 9 could occur, then, obviously, there would be an infinite 


* It should be noted that according to modern theory based on quantum mechanics, the 
orbital angular momentum is+/I( + 1) h/2n, instead of |h/2n, 
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number of new energy states and, consequently, the emission spectrum of 


an atom in a magnetic field would be a continuous one. But, since the 
Zeeman effect shows only a few additional lines, only a few values of 0 
are therefore ‘allowed: these include values for which | cos 0, that is, the 
projection of the | vector in the direction of the magnetic field, is an 
integer. This means that the component of the orbital angular momen- 
tum along the magnetic field is limited to integral multiples of (h/ 27). 
The aforesaid condition that / cos @ must be a whole number gives rise 
to a third quantum number called the magnetic quantum number, mM , 
whith was introduced by Lande in 1921. The allowed values of @ are 
given by / cos0 = my; and since m; ‘is limited to whole numbers, it turns 
out that for any given value of / there may be (21+ 1) values for the 
magnetic quantum number my , viz., 9; + i ar PARNE tee This is shown in 
Fig. 3.4 for l=3. Each value of m corresponds to a possible value of 6 


Fig. 3.4 Possible orientations of three units of 
orbital angular momentum in a magnetic field. 


and hence to a possible orientation of the electron orbit in a magnetic 
field. The possible orientations of an electronic orbit in an applied 
magnetic field are thus dependent on the azimuthal quantum number l 
and are restricted to only (2! +1) in number. Because of this restriction 
on the orientations of the electronic orbits with respect to the direction of 
the field, the orbits are said to be space quantized. It may be noted that 
even in the absence of applied magnetic field, such fields are present ina 
multi-electron atom due to orbital rotations of inner electrons. 


3.4 Spin Quantum Number 


Even the three quantum numbers, n, |, and my, were found to be 
inadequate for explaining the multiplicity and fine structure of some 
spectral lines that could be observed with a spectroscope of high resolving 

wer, The idea of ‘electron spin’ was therefore advanced by Uhlenbeck 
and Goudsmit in 1925 to account for this. An electron, according to this 
concept, can execute, in addition to its orbital rotation, a spin around its 
own axis. This spin i$ analogous to the rotation ot the earth as it moves 
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along its orbit around the sun. Because of its spin the electron has a spin 
angular momentum of magnitude s(h/2n)*, where the spin s is given by 
1/2. The rotating electron also has a magnetic moment and so will orient 
itself in an external magnetic field. Spectroscopic observations, however, 
show that the electron may orient in an external magnetic field only in 
two ways, namely, those in which the vector representing the spin 
angular momentum is either in the direction of the field or opposed to 
the field. Hence, the spin quantum number ms, which is the component 
of the s vector in the direction of the field, can have only two values 
+1/2or —1/2. 


In the absence of an external magnetic field, the positive direction of 
the / vector is taken as the reference direction for m,. 


3.5 Four- Quantum-Numbers System 


The state of an electron in an atom is described by the four quantum 
numbers mentioned above. To summarize, the values and designations 
given to these four quantum numbers are as follows: 


Principal quantum number nE ee atonal 
Azimuthal quantum number, /=0,1,2;3,4)" 
Magnetic quantum number, ™, ; for each value of / there are (21+ 1) 
values of m, , ranging from l to —/. 

Spin quantum number, ms; for each set of value of n, l, and m, there 
are two values of M, , viz., 4 and =$: 


The principal electronic. shells. in an atom are designated as 
K,L,M,N,O,P, ete-s and correspond to the principal quantum number 
n= 1,2,3,4,9,6, Etc.» respectively. Each of these shells is associated with a 
group of quantum states or energy States as illustrated in Table 3.1 for 
the first five shells. 

It is apparent from this table that the maximum number of different 
energy states Or the maximum number of electrons for each principal 
quantum number n can be represented 2n?. Each energy state is 
associated with only one electron. This follows from the Pauli exclusion 
principle, which states that in any particular atom no two electrons can 
have the same four values for the four quantum numbers. 


3.6 Symbols for Atomic States 
Descriptions of the atomic states that correspond to the allowed energies 
are given most simply and directly in terms of the angular momenta of 


* It is important to note that according to modern quantum theory the spin angular momentum is 
afs (s+ 1) h/ 2M) instead of sh/2 7. 


A 
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the atomic states. These are represented by certain symbols (called 
Russell-Saunders symbols) using a Vector model of the atom that provides a 
simple way of describing the stationary states ot the atom. In the 
Russell-Saunders vector model, which describes the most frequent type of 
coupling, the vectors representing the spin of the individual electrons 
combine to form a resultant spin vector represented by the quantum 
number S; this is equal to the algebraic sum of the s values for the 
separate electrons. (We here use a capital letter for the state of a whole 
atom and a small letter for the state of an individual electron. The 
distinction is however trivial for the hydrogen atom which has only one 


electron.) 
For example, the spin angular momentum vectors of two electrons 
each having spin quantum number $ (5: =, 59=4) combine to form a 


resultant total spin angular momentum vector corresponding to the 
values 0 and 1 for the total spin quantum numberS, as shown in Fig. 3.5. 


So =1/2 
vod le S=1 
s;=1/2 
s=0 


(a) (b) 


Fig. 3.5 Vector combination of spin angular 

momenta of two electrons: (a) antiparallel; (b) 

parallel (see text). 

The state S=0 is usually described by saying that the two vectors are 
antiparallel (or paired or opposed) and the state S=1 by saying that they are 
parallel. (The figure, however, shows that they are not exactly parallel, 
but are as close to parallel as could be allowed.) 

Similarly the orbital angular momenta of the different electrons couple 
together to give an orbital angular momentum vector for the atom, 
| represented by the quantum number L; this must be integral and equal to 
| the vectorial sum of the / values (Section 3.5) for all the electrons. 
However, the electrons in closed shells (Table 3.1) do not contribute to L, 
so that only a few electrons need to be considered even for elements of 
high atomic weight. For example, if there are two such electrons each 
having azimuthal quantum number | (/,= 1, 1 y=1), the orbital 
angular momentum vectors can combine to form the resultant total 
| angular momentum vector, with values corresponding to 0, 1 and 2 for 
| the total angular momentum quantum number L, as shown in Fig. 3.6. 


1271 


| | 4 le L=1 
4m1 Pa) 

i L=0 

i Fig. 3.6 Vector combination of orbital angular momenta for 
two p electrons (l; =1, ł2= i) 


Ro —"”"—S-=—s:L—=—<‘=“—=Fé$;::l.l. 
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Table 3.1 The Number of Quantum States in the First Five Shells of an Atom 


Principal Energy Azimuthal Energy Magnetic quantum Spin quantum No. of Total 
quantum levels quantum sublevels number, m} number, m; energy No. of 
number n (shells) number, | (subshells) states electrons 
1 K 0 s 0 4,-+ 2 2 
2 L 0 s 0 4,-4 2 
1 p 1,0,-1 4-4 6 8 
3 M 0 s 0 4, -4 2 
1 p 1,0,- 1 $ 6 18 
2 d 2,1,0,- 1,72 4, -4 10 
4 N 0 s 0 4,-4 2 
1 p 10,-1 4, -4 6 32 
2 d 2,1,0,-1,-2 $,-4 10 
3 fi 3,2,1,0,- 1,7273 h- 14 
5 0 0 s 0 tt 2 
1 p 1,0,- 1 hot 6 
2 d 2,1,0,7 1,—2 4, —4 10 50 
3 y 3,2,1,0,- 1,-2,-3 4, —¢ 14 
4 g 4,3,2,1,0, -1,-2,-3, 
=f 4, -4 18 


In general, the different vectorial combinations of lı and l2 are 


L=1, +l, Iy+h-1, iy +lg—2, ht TAn (3.5) 
Further, the above two resultant vectors, S and L, combine to form a 
total angular momentum vector for the atom, represented by the, 
quantum number J; this must be integral if S is integral and half-integral if 
S is half-integral. Two simple examples, with S=1, L=1 and with S=1. 
and L=2, are shown in Fig. 3.7, where it is seen that three valties of J are 


L=2 L=2 

L=1 L=1 L=2 

L=1 
S=1 S=1 S=1 S=1 
S=1 S=1 
J=2 j=l J=0 J=3 J=2 J=1 
ES a ein oO 
(a) (b) 


Fig. 3.7 Combination of vectors SandL: (a) S= 1,L=1 ;(b) Sm 1,L=2 
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possible in each case. Itc can be shown that, in general, the possible values 
of J are 

J=L+S, L+S—1, L+S—2,.. |L-S} (3.6) 

The symbol |Z—S| is used here to indicate that only positive (or zero) 
vaiues of J are significant when S>Z. The above relation shows that there 
will be a total-ef 2 $ +1 values of /, for each value of L. 

We may now explain the significance of the Russell - Saunders 
symbols. The scheme introduced by H.N. Russell and F.A. Saunders 
(1925), for representing more completely the electronic state of an atom, 
is based on the use of spectral term symbols. The term letters* 
S,P,D,F,G, ... are used according as the value of L in the particular 
atomic state is 0,1,2,3,4,... The term“ letter is preceded by a 
superscript, which is equal to 28 +1; it represents the multiplicity of the 
energy level and corresponds to the number of ways in which the 
quantum number S can be oriented in space. The term letter is further 
followed by a subscript giving the corresponding value of J [Eq. (3.6)]. 
Thus the term symbol for a particular atomic state is written as Pore 
Term symbol = 25+ 1 (Term Letter). 

For example, if the electronic coupling, as described previously, gives 
S=1 and L=2, the term symbols would be *D3, “Dj and °D, ,according 
as J=3, 2, and 1, each term symbol representing one component of the 
triplet term or energy level. Further, the term symbol may be preceded 
by the principal quantum number so as to identify a particular electronic 
level; for example, the symbol 5 3D,,to be read as ‘five-triplet-D-three’, 
represents a particular energy state of the atom as a whole having 
n= L=2, S=land,/=3.Such descriptions of atomic states are very 
useful in the discussion of atomic spectra. 

When there is only one valence electron, as in an alkali atom, the spin 
quantum number (S) for the atom has the value 1/2, which gives the 
multiplicity ZS + 1= 2. Since there will be a total of 25 +1 values of J, for 
each value of L, in accordance with Eq. (3.6), the various possible terms 
ies en 

"S172, "Pays “Piya, Diyo, ° Daya, Eryo, °F yo, 
which are read ’doublet-S-one-half, tdoublet-P-three- halves’ and so 
forth. Some of the lower energy levels of lithium are sketched in Fig. 3.8. 
The P, D, and F levels of alkali metals are thus doublets. This accounts for 
the fact that the spectral lines for all the alkali metals are doublets. The 
spectral lines arise from transitions, as shown in Fig. 3.8. The selective 
tule, in general, for such transitions is: 


AS =0, AL=+1,4 J=0, +1 


* Note that the capital letter § is used in two different ways—as a term symbol and as a 
symbol for the resultant spin quantum number, 
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Fig. 3.8 Some of the energy levels of the lithium atom showing 
the separation of the doublet levels (j-splitting is greatly 
exaggerated). Some allowed transitions are also shown. 


(There is also a further rule that a state with J/=0 cannot make á 
transition to another J= 0 state.) Theoretically, the S term is also a 
doublet, since the multiplicity 2$ + 1 is 2. Actually, however, the term 
S} is a singlet, since the two J values are indistinguishable as far as the 
total angular momentum is concerned. It is nevertheless the practice to 
retain the doublet superscript, viz., S4. 

It is easy to see from the above line of argument that for an element 
with two valence electrons there will be two series of terms, namely, 
singlets (§=0) and triplets (S=1), with J values equal to L, and to L +1, 
L and L—1, respectively. The various possible terms are then easily 
deduced to be !S, P1, "D2, and * F3for the singlets, and °S,,°P2,°P,, 
5Po, Wy. 3Do, 3D, SF, z 3F3, oP, for the triplets. Here also, the term 


35, is actually a singlet, but nevertheless the triplet superscript is 


retained. 


3.7 The Aufbau Principle and the Periodic Table 


jons of the various atoms are based on the 
spectral study and on the quantum theory. While optical peera pe 
furnished evidence for the outer sphere electrons, the X-ray spectra have 
produced evidence about electronic inner shells. The distribution of 


The electronic configurat 
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electrons in an atom is based on thefollowing two principles: 

(1) The Pauli exclusion principle, stated earlier, which implies that the 
maximum number of electrons in s,p,d,f.g,. « subshells are, respectively, 
2,6,10,14,18,....-. 

(2) The electrons in a given atom occupy the lowest possible quantum 
state, ie. one with the lowest energy. The energy of the sublevels 
increases in the following order: 

Ls <25 <2p <35< 3p <4s < 3d <4p <55< 4d < 5p <6s<4f < 5d <6p< 75 

< 5f<6d 

A marked difference between the energies of the subshells is characteri- 
stic of lower quantum numbers while this difference continuously 
decreases with higher quantum numbers (Fig. 3.9). Moreover, it is to be 
noted that the arrangement given in Fig. 3.9 characterizes elenients of 
low atomic numbers only. With the increase in atomic number the 
relative energies of many of the levels change somewhat and to various 
degrees. Such changes are shown schematically in Fig. 3.10 which shows 
that, for elements of atomic number less than 20, the energy of the 3d 
sublevel is higher than that of the 4s orbital. Beyond this atomic number, 
however, this order is reversed. The relative positions of the 4f and 5d 
sublevels suffer similar change before and after the atomic number 57. 

In Appendix 2 are given the electronic configurations of the various 
elements, built up by the ‘aufbau’ (building-up) process, which is a 
purely imaginary process of constructing the atoms of elements by adding 
a proton (thus increasing the atomic number by one) and an extranuclear 


Fig. 3.9 Schematic energy level dia- 
gram for lighter atoms. Each circle 
represents an electron pair of opposite 
spins. 
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Fig. 3.10 Variation of the relative 1 ————— eS 
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electron (to balance the nuclear charge) in successive stages. The added 
electron obeys the two principles enunciated above in choosing the 
particular shell and subshell. The ‘aufbau’ process of deriving the 
electronic structure of the atoms is schematically. represented in Fig. 3. 11. 

Direct experimental confirmation of these electronic configurations lies 
in the analysis of atomic spectra. That apart, the correlation between 
these configurations and the observed chemical properties leaves little 
doubt as to the validity of the former. The arrangement of the atoms in 
the periodic table, in accordance with the periodicity of these properties, 
is a direct result of the electronic configurations. 


38 Types of Elements 


On the basis `of similarities and differences in electronic configurations of 
the atoms as presented in Appendix 2, four different types of atoms can 
be discerned, and correspondingly, elements characterized by these 
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Fig. 3.11 Electron-shell configuration of the 103 atoms of the periodic table 
according to the ‘Aufbau’ principle. 


atomis, can be classified into four groups— inert gas elements, representa: 
tive elements, transition elements, and inner transition elements. 


Inert gas elements. Helium, neon, argon, kriypton, xenon, and radon 
(including actinon and thoron) are the inert gas elements. They have 
completed electronic groups. Thus helium has the configuration is? ) 
while each of the rest has in its level of maximum principal quantum 
number (n) the arrangement ns? np6 and no incompletely filled inner 
levels. The chemical inertness of these elements may therefore be 
ascribed to the presence of completed electronic groups. 


Representative elements. All nonmetallic elements and metallic | 


elements from Periodic Group Ia, Ib, Ila, IIb, Ib and IVb are classed as 
representative elements. These elements are characterized by atoms 1” 
which levels of maximum principal quantum number are incompletely 
filled, but all occupied inner levels are filled to capacity. Thus, elements 
with atomic numbers ranging from seven less to two more than 
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that of a given inert gas element are included in this group, and the 
electronic configuration embraces anything from ns! to ns? np for a 
given maximum principal quantum number n. The reactivity of the ` 
representative elements is due to their tendency to achieve the electronic 
configuration of the nearest inert gas element by electron loss or gain, as 
the case may be. 


Transition elements. Atoms of elements of this type are charac- 
terized by the presence of an inner incompletely filled a-level. In general, 
the electronic configuration can be represented by (n-1)d1- 9ns?; however, 
the presence of two electrons in the ns level is not a rigid requirement 
since examples are known of transition elements with the arrangement 
ns! or even ns0 (see Appendix 2). Four transition series appear among the 
elements corresponding respectively to n being 4, 5, 6 and 7. All the series 
begin with Group Ila elements, namely scandium (3d14s2), yttrium 
(4d'5s2), lanthanum (5d!6s2) and actinium (64!7s*). In terms of the 
definition given above, the first three transition series end at nickel, 
palladium, and platinum, respectively. Since, however, the adjacent 
elements from Periodic Groups Ib(copper family) and IIb(zinc family) 
are quite analogous to the transition elements in respect of properties, 
they are often classified with the latter elements. Thus the entire series of 
atoms corresponding to the filling of 3d, 4d and 5d levels, as shown in 
Fig. 3.7, may be considered to belong to the ist, 2nd and 3rd transition 
series, respectiv :ly. The membership of the fourth transition series which 
begins with actinium is limited by the number of known elements. 

Appendix 2 shows that in passing from vanadium to chromium in the 
fourth period there occurs a temporary transfer of one 4s electron to the 
3d state which, therefore, shows a jump from 3d to 34>. In manganese, 
however, the new electron again enters the 4s state and thereafter the 
filling process continues normally up to nickel. In passing from nickel to 
copper again a similar jump, viz 3d8 to 3d}, occurs. This irregularity 
stems from the increased stability of the 3¢° and 3d10 electronic 
configurations, Analogous situations can be observed in 4d and 5d 
sublevels, as also in the 4fand 5f sublevels. i 

The small energy differences between the 3d and 4s electrons result in 
variable valency of the transition elements, since even a small increase in 
energy of the atom caused by ordinary chemical reactions may excite 
some of the 3d electrons, apart from the 4s outer electrons. Moreover, the 
incompleteness of the sublevel allows electronic transitions even at 
low-energy quanta (e.g those corresponding to the visible light) and 
thereby gives rise to colour of the ions. Again, the presence of some 
unpaired electrons in the incomplete sublevel results in the paramagnetic 
behaviour of the transition elements Sy 

With the increasing quantum number, the stability of the outermost s 


62 Atomic Structure and Chemical Bond 


sublevel increases considerably. This is reflected in the fact that the 6s 
and 7s sublevels do not easily lose electrons and consequently the 
corresponding elements display considerable chemical inertness. Thus 
mercury with its stable 6s sublevel is the most volatile of metals and 
resembles inert gases, producing always monatomic vapour. 


Inner transition elements. These elements belong to the transition 
series described above. They are, however, more precisely described as 
constituting a transition series within transition series, and hence termed 
as inner transition elements. In addition to incompletely filled d levels, 
the inner transition elements contain incompletely filled f levels as well 

The first inner transition series comprises the rare earth ele- 
ments. By rigid definition given above and according to the electronic 
configurations given in Appendix 2, this series should start at cerium 
(atomic number 58) and end at thulium (atomic number 69). However, 
in discussing these elements, it has been customary to adopt the idealized 
general configuration 4f'— 13552 5p65d'6s? for the series and to assume 
that there occurs a regular filling of the 4/ orbitals from cerium (4f') to 
lutetium (4f!4), as shown in Fig. 3.11. Since lanthanum (atomic number 
57) has 4f9 and lutetium (atomic number 71) has 4f'*, both of them, by 
rigid definition, would be excluded from this series. Their inclusion, 
however, appears justified on the grounds that there exist similarities in 
chemical and physical characteristics between these and other inner 
transition elements. Thus the whole lanthanide series (see periodic table) 
including both lanthanum and lutetium is commonly regarded as the 
first inner transition series, 

Though the series of fourteen rare-earth elements arises from the 
gradual filling of the 4f sublevel by fourteen electrons, the 4/ electrons do 
not participate in the formation of chemical bonds, since they are 
shielded by electrons in the 5s, 5p and 6s sublevels and are, consequently, 
only slightly perturbed by the electrical fields associated with neighbour- 
ing atoms. The 4/ electrons, however, give rise to colour and strong 
paramagnetism. 

As in the sixth period of the periodic table the rare earths or. 
lanthanides, representing the first transition series, arise from the gradual 
filling of the inner 4fsublevel, so in the seventh period a similar filling of 
the 5/ sublevel gives rise to a second inner transition series, also called the 
actinide series (see Fig. 3.11). This series includes the “transuranium 
elements’ with atomic number greater than 92, namely, neptunium, 


plutonium, americium,. curium, berkelium, californium, einsteinium, ` 


fermium, mendelevium, nobelium, and lawrencium. All isotopes of 
elements of atomic number greater than 92 have relatively short life 
periods and so could be found only in minor quantities in natural ores. 
They have been produced artificially in the laboratory. 
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3.9 s. p, d, f Block Elements 
Since the various portions of the periodic table correspond to the filling of 


different levels, it is possible to write down the essential framework of the 
periodic table showing only the energy levels, as follows: 


ls 
2s 
s x 
4s 3d 4p 
5s 4d 5p 
6s 4fand5d op 
7s (64, 5/) 


It is the sequence in which the various energy levels are filled (see 
Fig. 3.11) which determine the number of elements contained in each 
period of the periodic table. The various periods thus contain successively 
2, 8, 8, 18, 18, 32, ... elements. It is apparent from the framework 
presented above that the periodic table can be divided into four regions 
depending on whether the elements are filling up s p, d or f levels. 
Generally the chemical properties are broadly determined by the region 
in which an element is situated. Thus, for instance, each s-block element 
is a strongly electropositive metal, yields colourless ions in solution and 
exhibits the same oxidation state in almost all its compounds. The 
p-block elements, on the other hand, are mostly non-metals (and such 
metallic elements as occur in this region are perhaps not truly metallic, 
e.g. As, Sb); they exist in different oxidation states equal to N and (N-2), 
N denoting the number of the group of the periodic table in which the 
element occurs. 

The d-block elements are called the ‘transition elements’, as they are 
located between the s- and p-blocks. The transition elements are metals, 
producing usually coloured ions, and forming, in most cases, several 
series of compounds, in which the metal occurs in different oxidation 
states. In contrast to the p-block elements, for which, as mentioned 
above, the oxidation states differ from each other by two units, the 
oxidation states of a d-block element can differ from each other by as 
small as one unit. Chromium, for instance, exhibits oxidation states of 
+2, +3 and +6. ' 

The f-block elements arise from the filling of f sublevels. They 
constitute the inner transition series (see Section 3.7). 
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Problems 


3.1 Specify by quantum numbers the various energy states of the electrons in the O-shell. 
3,2 Show that the maximum number of electrons that can have the same principal quantum number 
nis 2n. 


3.3 Supposing that atoms could contain electrons with principal quantum numbers up to and 
including n=6, how many elements should there be? 


3.4 What will be the values for the total spin quantum number S for tbree electrons? In how many 
ways can the state S= 1/2 be realized for three electrons? (Ans. 1/2, 3/2; 3). 

3,5 What will be the values of J if (a) L=2, S=3/2 and (b) L=2; S=1? [Ans. (a) 7/2, 5/2, 3/2, 1/2; 
(b) 3,2,1]. 


3.6 Show that the ground state for lithium is ry while for helium it is’ Ig. (Hint: Apply Pauli’s 
principle that two electrons can occupy the same orbital if their spins are opposed.) 


3.7 Write down the various term symbols for a beryllium atom with one valence electron in a 25 
orbital and the other in a 3s orbital, in addition to the two electrons in a K-shell. 


3.8 wi the electronic configurations for the following species: H`, Lit, 072, F3 Nat, s72, cat? 
and A 


3.9. Discuss the general electronic configurations of inert gas elements, representative elements, 


transition elements and inner transition elements. Predict certain general properties of these types of 
. elements on the basis of their electronic configurations. 


A Chapter 4 


Wave-mechanical Approach 


4,1 Introduction 


Basically, wave mechanics is a mathematical treatment of the-behaviour 
of small particles and involves the application of a fundamental concept 
in physics, namely the concept of a wave — a wave, that is characterized 
by wavelength and frequency as its measurable attributes and expressed 
by a mathematical function describing the variation of its amplitude in 
space and time. The physical concept of a particle characterized by mass 
and velocity is, however, more familiar to us; and: naturally so, because 
the resuits of most experiments dealing with particles lend themselves to 
ready interpretation in terms of mass and velocity by Newton’s laws of 
motion. But this classical approach was evidently not adequate for some 
experiments, the results of which appeared to contravene Newton’s laws; 
and it was to explain this situation that the concept of wave mechanics 
was introduced. Its application, first to atomic and then to molecular 
structure, revolutionized the physical sciences, and gave birth to the new 
chemistry that we know today. 3 

The mathematics of wave mechanics has been developed in several 
alternative ways, the most popular of which, however, is the one initiated 
by Schrödinger in 1926, and subsequently developed by others. The 
popularity of this approach stems from the fact that its results can usually 
be presented in terms of a physical picture. Schrédinger’s system of 
mechanics, based on the wave equation bearing his name, has been 
justified in the best possible way. It is very difficult to find analytical 
solutions of Schrédinger’s equation; so it has been solved exactly only 
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for a few problems. These few solutions have, however, shown excellent 
agreement with experiment. Moreover, many approximate solutions 
derived for other cases have also indicated the correctness of the method. 
The Schrodinger wave equation forms a fundamental law of nature, 
applying with great generality to quantum mechanics, just in the same 
way that Newton’s laws of motion form the fundamental laws of classical 
mechanics or Maxwell’s equations provide the basic laws for electro- 
magnetism. 

It was de Broglie’s proposal of waves accompanying particles, which 
he made in 1924, that led Schrédinger to the formulation of the wave 
equation, which bears his name. So we next direct our attention to the de 
Broglie hypothesis. 


4.2 The. de Broglie Hypothesis 


While most of the optical problems, such as refraction, diffraction, etc., 
may be treated quite successfully by considering light to be electromagne- 
tic waves, some other phenomena such as those of photoelectric effect 
and atomic spectra convince us that light is absorbed or emitted in 
energy quanta, i.e. in particles called photons. This dual nature of light 
possessing both wave and particle properties is clearly illustrated by 
combining Planck’s expression for the energy of a photon E = hy with 
Einstein’s mass-energy relation E = me? (where ¢ is the velocity of light) 
to give hy = me. Introducing 4 = c|», we get 

aà = hime = hjp (4.1) 

Thus photons of mass m and velocity c, or momentum p = mc, are 
accompanied by waves of wavelength à, as given by Eq. (4.1). 

The Compton effect in X-ray scattering (see Section 1.5) provided an 
early experimental confirmation of this relation and, more than anything 
else, convinced physicists of the reality of photon particles, and hence 

of the dual character of light, possessing both wave and particle pro- 
perties. In contemplating this dual nature of light, de Broglie had the 

-novel idea that nature must be symmetrical and that the dual nature of 
light should be matched with a dual nature of matter. He proposed in 
1924 that Eq. (4.1) is a general equation, which is applicable to photons 
as well as to material particles. According to this proposition, a material 
particle of mass m and velocity v has, associated with it, a wavelength 
given by 

a = h|mv a (4.2) 
where à denotes the de Broglie wavelength and fh is the Planck constant. 

Evidently, the de Broglie wavelength for ordinary objects should be 

- extremely small, since the numerator is the Planck constant, which is 
extremely small: 6-62 x 107°? erg sec. For example, a stone of mass 
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100 g travelling with ‘a velocity of 100 cm/sec would be associated with 
a de Broglie wavelength of 6:6 x 10-3: cm, which is, indeed, too small 
to be detectable. But it is altogether different in the case of the electron. 
For instance, an electron accelerated through 100 V, so that its velocity 
is 5:94 x 108 cm/sec, would have associated with it a de Broglie wave- 
length given by 
6-62 x 10-27 
à = 91x 10-* x 5-94 x 108 
= 1-23 x 10-8 cm = 1-23 Å 

Thus the wavelength to be associated with an electron of moderate 
energy is in the X-ray region. So it is suggested that electrons, in passing 
through a crystal, should produce diffraction patterns on a photographic 
plate as do X-rays. This was eventually verified in 1927 by Davisson and 
Germer. They reported the diffraction of a beam of electrons by a nickel 
crystal; and the values of wavelengths calculated from the angles of 
maximum electron intensity were also in good agreement with the de 
Broglie relation. In 1928, G. P. Thomson reported the diffraction of 
fast-moving electrons. In his experiment, a fine beam of electrons (cathode 
rays), travelling in an evacuated tube with a speed about one-third that 
of light, was allowed to fall on a photographic plate after passing through 
a very thin metal foil. The plate showed, on development, not only a dark 
central spot where it had been hit by the undeflected electron beam but 
also a series of concentric rings resembling those of an X-ray powder, 
photograph. While this proved that the electrons had been diffracted 
like X-rays by the array of atoms in the metal lattice, detailed measure- 
ments further yielded the effective wavelength, agreeing with that 
predicted by the de Broglie equation. Direct verification of de Broglie’s 
hypothesis of the wave nature of moving bodies was thus obtained. 

Electrons, however, are not the only material bodies whose wave 
property can be demonstrated. Beams of neutrons and even beams of 
whole atoms like hydrogen and helium have been found capable of 
producing diffraction patterns when scattered by suitable crystals. In 
fact, like X-ray and electron diffraction, neutron diffraction is today a 
widely-used tool for delving into crystal structures. 

The wave behaviour of material bodies having been established, the 
distinct nature of ‘material waves? must now be emphasized. Material 
waves are different from electromagnetic waves occurring in radiation. 
Thus, while radiation (in vacuum) always travels with the same velocity, 
namely, 3 x 1010 cm/sec, material waves do not. So, very similar 
appearances notwithstanding, X-ray diffraction patterns and electron- 
diffraction patterns should not be confused. Since material waves are 
capable of propagating in vacuum, they are also different from mechanical 
waves like sound waves. j 
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4.3 The Heisenberg Uncertainty Principle 


The uncertainty principle can be derived in a variety of ways. Let us here 
illustrate the principle by a simple informal argument based on the 
particle nature of waves. If we want to know the position of something 
we have to touch it physically or illuminate it with light or produce some 
other interaction with it. Suppose we wish to know the position of an 
electron. We cannot, obviously, see it with visible light since its wavelength 
is perhaps a million times as large as the diameter of the electron. So 
we try by using radiation of shorter wavelength, say, X-rays of wave- 
length à. But in any case, the uncertainty in the measurement of the 
position cannot be less than à; at best it can only be equal to à. So, the 
smaller the wavelength used the more accurate will be the measurement 
of the position. 

The X-ray, however, will not reveal the position of the electron unless 
first scattered by it. But the X-ray scattering by electron, as we have noted 
earlier, is accompanied by a Compton effect. An X-ray photon, on 
colliding with the electron, will change its momentum. Since this momen- 
tum change cannot be precisely predicted, the measurement of original 
momentum of the electron will be quite uncertain. Moreover, since the 
momentum of a photon is given by h/2, the smaller the wavelength of the 
X-rays the greater is the photon momentum and, consequently, the greater 
the uncertainty in electron momentum. We thus see, the shorter the 
wavelength we use in order to achieve greater accuracy in locating the 
position the greater becomes the uncertainty in momentum, and vice 
versa. It is thus impossible to determine both the original momentum as 
well as the position; and this uncertainty of either position or momentum 
is evidently not a matter of physical imperfections in the measuring 
apparatus, nor is it one that may be overcome’ by some improved tech- 

nique. This uncertainty represents a fundamental limit of nature and 
sets a fundamental limit to our knowledge. 

The uncertainty in the measurement of the original momentum p of 

the electron is, therefore, ; 


Ap = hja i (4.3) 
and it evidently stems from the act of measurement itself. Since Ap is 
inversely proportional to 4, the longer the wavelength of the radiation 
used for observing the electron the smaller the consequent uncertainty 
in its momentum. 

A mathematical expression of the uncertainty relation was derived by 
Heisenberg (1927) from the general laws of quantum mechanics. For the 
pair of variables, position and momentum, the relation* is 

Ax. Ap >h (4.4) 

+ A more widely used expression is Ax.Ap > h/2n. 
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where Ax is the uncertainty in position and Ap the uncertainty in 
momentum. The product of these two uncertainties cannot be less than 
the Planck constant h. 

In order to measure the position of a particle with absolute accuracy, 
Ax must become zero; so 

Ap = h/Ax = h]0 = œ 

This means that the momentum of the particle being measured be- 
comes completely indeterminate. In other words, the simultaneous 
measurement of velocity and position with absolute accuracy is impossible. 
A compromise is therefore to be made by admitting a certain degree of 
inaccuracy in the measurement of both position and momentum. 

Let us consider a dust particle of diameter 1 micron or 1074 cm and 
mass 6-6 x 10-12 g moving under a microscope with a small velocity of 
1 micron per second. Expressing Ap as Av.m, where Av is the uncertainty 
in velocity and m the rest mass, the uncertainty relation becomes 

Ax.Av > h/m 3 (4.5) 

Now let us choose the compromise values of uncertainty as Ax = 10-8 
cm and Av = 10-7 cm/sec, so that 

Ax.Av = h/m = 10745 

The ratio of Av to v in the present case is 1077/1074 = 107°. As an 

uncertainty in the velocity measurement this is quite. satisfactory. As 
for uncertainty in the position of the dust particle, Ax, its ratio to the 
dimensions of the particle, namely 10-/10-4 or one ten-thousandth, is 
also negligible. That is why in measuring velocities and positions of 
dust particles or more massive objects the existence of uncertainty rela- 
‘tion is never perceived. 

But, for electrons the situation is quite different. Let us assume that the 
electron has a diameter of 10—18 cm (though it is not exactly correct to 
speak of the dimensions of an electron), a mass of 10-7 g and a velocity 
of 107 cm/sec. Then the right-hand side of the uncertainty relation comes 
out to about 6-6. The quantities Ax and Av can now be constructed in 
different ways. If it is desired to measure the electron velocity with the 
same accuracy as in the case of the aforesaid dust particle, i.e. the ratio 
of Av to v to be 10-3, then the uncertainties will be: Av = 104: cm/sec, 
and Ax = 6-6 x 10-4 cm. So the ratio of Ax to electron dimension is 
66 x 10° which means that the uncertainty in the position of the 
electron will be thousands of millions of times the size of the electron! 
It can be shown from other combinations as well that no compromise 
in the measurement of both position and velocity can be made in the case 
of an ultrasmall particle, e.g. the electron. 

It is the uncertainty of knowing exactly both the position of the 
electronic orbit and the velocity of electron within it that renders the Bohr 
concept of these orbits inexact. An example would make it clear. The 
velocity of an electron (of mass 9'1 x 10- g) moving round the nucleus 
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in the first Bohr orbit (of diameter 1-058 A) could be calculated to be 
2:2 x 108 cm/sec, and its momentum is therefore 2 X 10-19 g cm/sec. 
In order to know this small momentum within 1%, Av.m would have to 
be less than 2 x 10-21. Eq. (4.5) then tells that Ax would be not less 


than 66 x 1077/2 x 10-1 or 330 x 10-8 cm, ie, 330 A, which is more 
than 300 times the diameter of the Bohr orbit. It implies that we could 
not even say whether the electron was in the atom at all! 

The Heisenberg uncertainty principle may also be stated in terms of 
energy and time, that is, 

AE. At > h/2r (4.6) 
where AE is the uncertainty in an energy measurement and Aż the 
uncertainty in the time at which the measurement is made. To illustrate 
the significance of Eq. (4.6), let us consider the radiation emitted from 
an ‘excited’ atom. As we have seen, an excited atom gets rid of its excess 
energy by emitting one or more photons of definite frequency. The 
average time gap between the excitation of an atom and the consequent 
photon emission is 107% sec, ie. At = 10-8 sec. The uncertainty AZ in 
in the measurement of photon energy is, therefore, 

AE = h|2rAt = 10" erg 

The frequency of the emitted radiation is therefore uncertain by 

Ay = AE/h = 1-5 x 10? cycles/sec 
which then represents the limit to the accuracy in our determination of 
the frequency of the radiation emitted by an atom. 

Energy can be precisely known, i.e. AE can be zero, only if At is 
infinite. Thus a system can be said to have an accurately defined energy 
only if it remains in that state for an infinite time. 

What emerges from the foregoing discussion is that the uncertainty 
relation comes to the fore in dealing with phenomena on an atomic scale. 
As we have already shown, the Bohr model of the atom, which assigns 
precisely defined orbit to an atomic electron with precisely defined 
momentum, is untenable on uncertainty considerations. Our picture of 
atom or molecule should be such that it does not contravene the uncer- 
tainty principle. For thig the wave-mechanical approach is essential. 
We cannot precisely know the position of an atomic electron, but we 
can derive by the mathematical technique of wave mechanics the proba- 


bility of occurrence of the electron at a given point in the space surroun- 
ing the nucleus. 


4.4 Sinusoidal Wave Motion 


If a block of wood floating on a water surface is pushed regularly up and 
down, a series of waves will be propagated outward from it. This is an 
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example`of an important type of wave motion known as the regular wave 
train or continuous wave, in which, evidently, a regular succession of 
pulses is created and transmitted through the medium. The simplest 
type of regular wave train is a sinusoidal wave motion, described below. 

A sinusoidal wave motion can be produced and propagated in a long, 
stretched string one end of which is attached to a weight supported by a 
spring, the weight being arranged so that it can move freely in the vertical 
direction, up and down (Fig. 4.1). When the weight is pulled downward 
a distance A and released, the weight executes a simple harmonic motion 
of certain period, say T, in the vertical direction and thus acts as a source 
of a sinusoidal transverse wave that travels along the string in a manner 
indicated in Fig. 4.1(b), the curves in which may be looked upon as 
successive ‘snap shots’ of the shape of the string during one half-cycle, 
i.e. £ = 0 to T/2, after the motion has been well established. The wave- 
length denoted by à is the distance between two successive crests or 
troughs. Since the period of oscillation of the weight is T, in time T the 
wave moves a distance of one wavelength à, and so the wave velocity v 
is given by 


LENT | (4.7) 
In terms of frequency v = 1/T, the velocity becomes 
v= vA (4.8) 


Fig. '4.1 (a) Arrangement for production and propagation of a sinusoidal 
transverse wave in a long string. (b) Successive waves corresponding to 
t = 0 to t = 7/2 show the motion of the string during one half-cycle of 
oscillation of W, from y = 0 to —-A and back to 0. 
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A mathematical description of the sinusoidal transverse wave shown 
in Fig. 4.1, can now be formulated. Sometime after the wave is establi- 
shed, if we take ¢ = 0 when the weight is moving downward through 
the equilibrium position 0, then. the shape of the string at t = 0 will be 
as shown by the solid curve in Fig. 4.1(b) and represented by the follow- 
ing equation 

y =A sin2nx/d ` (4.9) 
where A is the maximum amplitude of the string and y is the amplitude 
of the string at point x, at t = 0. Thus, at x=0, 2/2,2,3A/2,'2a,..++, the 
amplitude is zero, while at x = n/4, 52/4, 92/4,....it is maximum in the 
positive direction, and at x = 31/4, 72/4, 11a/4,.....it is maximum in 
the negative direction. 

At t = T/8, i.e. one-eighth of a cycle (= Qn) later, the equation of 
the string is 

y =A sin (2rx/a— 7/4) (4.10) 

For example, at x = 2/8, the amplitude is zero, and at * = 3a/8, it is 
maximum, and so on. 

Similarly, at later times, as shown in Fig. 4.1(4), namely, at t=(1/4)T, 
(3/8) T, and (1/2)T, the equations are 

y= A sin (Qnx/2— 7/2) 

y= A sin (2nx/a— $x) (4.11) 

y= A sin (2xx/a— 7) 

In general, all the above equations can be written as 

y =A sin (Qnx/A— 2nt/T) (4.12) 

Substituting T = 1/v, and à = v/v in Eq. (4.12) we obtain the con- 
venient form 

y= A sin 2nv(x/v— t) (4.13) 

This is the equation for a sinusoidal transverse wave moving in the 
positive x-direction with amplitude A, 

The corresponding cosine expression 

y= A cos 2nv(x/v— t) (4.14) 
describes the same wave but with a phase shift of 7/2 in the angle. 


4.5 Wave Equation 


When considering a sinusoidal function it is generally convenient in 
mathematical physics to write this function in complex exponential form. 
We know that 


exp (iu) = cos u+7 sin u 
where i= V—1. 
So, if we write an expression in such a complex form, the real and 
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imaginary parts will equal the cosine and. sine, respectively. We can 
then write the sinusoidal wave in the form 

y =A exp [2nvi(x/v— t)] (4.15) 
recognizing that the real part is to be employed in a physical problem. 
Eq. (4.15) can also be rewritten as 

y =A exp (27ix/A). exp (— 2nivt) (4.16) 
where à, which equals v/v, is the wavelength. In the form of Eq. (4.16), 
the solution can\thus be written as a product of a sinusoidal function of 
x and a sinusoidal function of time. This will be made use of in the 
following. 

Differentiating y with respect to #, keeping £ constant, we get from 
Eq. (4.16) 

Oy 4r? 

a ae ae ONS 0 (4.17) 

In Eq. (4.17) we are regarding the transverse displacement or amplitude 
yas merely the part of the function depending on the coordinate x. In 
other words, Eq. (4.17) determines only the space part, and not the time 
part, of the amplitude. It is thus a suitable starting point for setting up a 
wave function to describe wave mechanics. 


4.6 The Schrodinger Wave Equation 


The Schrödinger wave equation may be formulated, as shown below, 
by combining two relationships: on the one hand, the purely mathe- 
matical property of waves, namely, Eq. (4.17), and on the other hand, 
the wave property of matter as represented by de Broglie equation [Eq. 
(4.2)]. 

Eq. (4.17) represents wave motion in one direction. It may be extended 
to movement in three directions, represented by the coordinates x, y, Z. 
Replacing y, the amplitude function for one coordinate, by )(x,y,z) which 
is the amplitude function for three coordinates, Eq. (4.17) takes the form 

BY OD. yn OAD ler ae 4.18 

oat tO Beringer nario (4.18) 
where () has been written in place of )(x,7,2) for the sake of brevity. 

Utilizing the symbol y? for the differential (Laplacian) operator, 
Eq. (4.18) can be more concisely written as 


vp + = b=0 (4.19) 


It is the fundamental postulate of the Schrodinger treatment that an 
equation of the type of Eq. (4.19) may be applied to all particles includ- 
ing photons, electrons and atoms. As a further postulate, the de Broglie 
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relationship à = h/mo is introduced in Eq. (4.19) whereupon it becomes 
vy Sem y0 (4.20) 

where m is the mass of the particle moving with a velocity v. ; 
The total energy E of the particle is equal to the sum of the potential 

energy U and kinetic energy T, which, in turn, is equal to § mv’, i.e. 


E= U= T=} mo (4.21) 
Combining Eq. (4.21) with Eq. (4.20) we get 
vy + oes (E—U)) =0 (4,22) 


This is the famous wave equation described by Schrédinger in 1926. 
This equation describes, in very general terms, the motion of a particle 
of mass m under a potential U, and has been applied to a number of 
problems concerning atomic and molecular structures, 

Since the Schrödinger equation in the form of Eq. (4.22) has been 
detived from Eq. (4.17), it does not involve the time part but only the 
space part of the wave function and so applies only to stationary states. 
The energy and the probability distribution are frequently the only 
quantities of experimental and theoretical interest; since these are not 
dependent on time, the time factor can be ignored, and hence the time- 
independent Schrödinger equation [Eq (4.22)] is sufficient for the 
purpose. 

The mathematical task in applying the Schrédinger equation to a 
particular problem is to obtain a suitable expression for Ų showing how 
the wave amplitude varies with distances along the x-, J-, and z-axes, and 
then to derive solutions of the differential equation. There will be, in 
every case, many expressions for ) satisfying the Schrödinger equation, 
all of which are, however, not acceptable. Only those wave functions 
which satisfy certain conditions are acceptable and are called eigenfunctions 
of the system, while the energies E corresponding to these eigenfunctions 
are called eigenvalues. The conditions which a wave function Ų must satisfy 
before it is acceptable can be summarized as follows: 


(a) must be finite and single valued for all values of the coordinates. 
(b) must be a continuous function of the coordinates. 


(e) oy lðx, Op/ay and ap/dz, must be continuous functions of x, y and 5 
respectively. 7 


(d) f}?dt must be finite when the integration is carried out over the 
whole of space, of which dt is a small volume element. 
47 Importance of the Schrédinger Equation 


The Schrédinger equation, like Newton’s laws of Motion, is a funda- 
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mental relationship, showing logical coherence to a vast amount of 
experimental. observation. However, Newton’s laws agree with experi- 
mental observations only so long as they are restricted to macroscopic 
systems and events, for experiments have proved that they are not 
completely valid when appliéd to phenomena on the microscopic scale.* 
In comparison, the Schrödinger equation has been found to hold true 
in both the cases. Thus, the deductions which have been made’ about 
atomic systems from the Schrédinger equation have been confirmed 
experimentally, and further, when applied to macroscopic bodies, the 
Schrédinger equation has been found to lead to the same conclusions 
as are derived from classical theory. In this context, Newton’s laws seem 
to have become superfluous. However, Newton’s laws are considerably 
much easier to apply and appreciate than the Schrödinger equation, 
and for objects, large enough in comparison to atoms, equally accurate 
as the latter, Nobody would therefore think of abandoning them. But, _ 
when Newton’s laws disagree with the Schrédinger equation, as when 
applied to microscopic systems and events, the Schrédinger equation 
must be used in spite of its difficulties. 


4.8 Physical Interpretation of the Wave Function 


The only dependent variable in the Schrédinger equation is the wave 
amplitude or wave function ) and it depends on the coordinates of the 
particle. In some cases it may turn out to be a complex function of the 
form ) = u + iv, where u and v are real functions of the coordinates and 
i = VZT. The complex conjugate of ) is p* = u — iv. Their product 
ht = u? + v®, and if is real, Yp* is identical with )?. Neither nor 

* has any physical significance, but pp* (or p°, when ġ is real) has. In 
dealing with all forms of wave motion, such as light waves, sound waves, 
electrical fields, or matter waves, the square of the wave amplitude at’any 
point is interpreted as the intensity of the effect at that point. So the 
value of tp? (t)? can be used instead of Yp*, since most of the wave functions 
in atomic or molecular structure problems contain real terms only) at 
any point around the nucleus gives a measure of the electronic charge 
density at that point. This interpretation was originally suggested by 
Schrödinger. According to this view the electron is to be regarded as 
smeared out forming a cloud of electricity, the density of which varies 
from point to point around the nucleus. 

A statistical interpretation of the electron wave function was proposed 

* The microscopic scale is defined as the one of atomic or subatomic phenomena, where 
the lengths entering into consideration are of the order of several angstroms at the most. The 
‘macroscopic’ scale, on the contrary, is the one relating to phenomena that can be observed 
with the naked eye or with an ordinary microscope having resolution of the order of one micron 
(= 10t cm) at the most. 
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by Max Born in 1926. This interpretation has been widely adopted 
since it has many advantages. According to this view, the „electron is 
still considered as a particle, and the value of ọ? at any point is taken 
to represent the probability of finding the electron at that point at a 
given instant. It should be noted that consideration of the electron as a 
particle necessitates this statistical interpretation, for although a particle 
can be only in one position at a given instant, the Heisenberg uncertainty 
principle tells us that this position can neyer be precisely known. So 
what we can do is only to state the probability of the electron being 
found at a given point in space. Thus, b? is interpreted as giving a direct 
measure of this probability. Consequently, the greater the wave amplitude 
the greater is the probability of finding the electron at that point at a 
given instant, or, if a time interval is considered, the longer, on average, 
is the total time the electron spends at that point. 


4.9 The Particle-in-a-Box Problem 


Wave-mechanical treatment of physical problems is highly’ involved 
mathematically. The mathematics entailed in the complete solution of 
the wave equation even for the simplest of the atomic systems, viz. the 
hydrogen and hydrogen-like atoms, is extremely complicated. For this 
reason, the study of wave mechanics is reserved for those who have the 
required: proficiency in mathematics. Nevertheless, even a relatively 
limited mathematical background is sufficient for one to grasp the basic 
procedures involved in the wave-mechanical treatment. To show this 
we consider here a very simple problem, namely, the particle-in-a-box 
problem, which, though hypothetical, bears some relevance to real 
molecular problems, Broadly, our objective in considering this problem 
is threefold: (a) To see how Schrédinger’s equation is solved satisfying the 
given conditions; (b) to study the characteristic properties of these 
solutions; and (c) to compare the results of wave mechanics with those 


of Newtonian mechanics. Finally, we will illustrate the application of this 
model, 


Particle in a one-dimensional box. Consider a particle of mass m 
-bouncing back and'forth between the walls of a box [Fig. 4.2(a)]. Suppose 
that the particle travels only along the x-axis and is confined between 
x = 0 and x = a by two infinitely hard walls so that the particle has no 
chance of penetrating them. Suppose that the particle does not lose 
energy when it collides with such walls, so that its total energy remains 
constant. This box can then be represented by a potential well or box 
of width a with potential walls of infinite height [(Fig. 4.2(6)] at x = 0 

potential energy V of the particle is infinitely high 


and x = a, so that the 
on both sides of the box, while on the inside, throughout the length a, 
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Fig. 4.2 A one-dimensional potential box with walls of 
infinite height at x = 0 and x = @ : 


V is uniform. We may conveniently take this V inside the box to be zero. 

Since the potential outside the box is infinitely high, the probability of 
finding the particle outside must be zero, that is to say, p? and hence Ẹ 
must be zero when 0 >x >a. To avoid a discontinuity at x = 0 and x=a 
the wave function must be zero at these points also and so the boundary 
conditions to be satisfied in the present problem are p=O0atx=—0 and 
Ņ = 0 at x = a. Our task is now to find what is inside the box, in the 
region 0 <x <a. 

Since V = 0 inside the box, the one-dimensional wave equation 
reduces to 


Y  8x*m ; 
ma p Ey = 0 (4.23) 
The solution of this equation is 
. (8m?mE\!? 8n mE\Y? 
$= A sin (ERA) k B cos (222) x (4.24) 


To satisfy the condition, p = 0 at x = 0, the parameter B in Eq. (4.24) 
must be zero. Consequently, the wave function reduces to 


1/2 
Ņ=4sin (=) x (4.25) 
Applying the condition p = 0 at x = 4, 


1/2 
p aran EER 


Since A% 0, sin (8n?mE/h?) Y? a= 0. Therefore, 
12 
(=) a=nn (4.26) 


h2 
where n = 0, 1, 2, 3, ..+-+--> 
From Eq. (4.26) we get 
En = n®h®/8ma? (4.27) 


ae Wave-mechanical Approach 


and correspondingly, 
dn =A sin (=) x (4.28) 


Therefore, only certain values of E, namely, E,, are possible, and these 
are the only ones allowed. The energy values Æ, are usually called 
eigenvalues and ), eigenfunctions; the integer n may be termed a quantum 
number, and it arises here merely as a consequence of the boundary condi- 
tions imposed. This quantum number can be equal to 1,2,3,..... but not 
zero because then p, and hence )? or. probability of finding the particle, 
would be zero everywhere within the box. 

What emerges from the above treatment is that the energy is quantized 
and so cannot vary continuously. This wave-mechanical result is see- 
mingly in sharp contrast to the prediction of classical mechanics that 
there is a continuous range of possible energies. However, it should be 
noted that 4? is very small, so that for a particle in a box with dimensions of, 
say centimetres, the energy levels computed from Eq. (4.27) are so close 
together that we may as well say that the range of possible energies is 
continuous, in agreement with classical mechanics. 

For example, the permitted energies of an electron, confined in a box 
1A wide, are 

Be n? x (6:63 x 10-727)? 

~ 8X 9-1 x 10-8 x.(1078)2 
=6 x 10-4 n? erg = 38 n? eV 

The minimum energy that the said electron can have is 38 eV, corre- 
sponding to n = 1. The other permitted energy levels are E, = 152 eV, 

3 = 342 eV, E, = 608 eV, and so on. These energy levels are evidently 
quite far apart to make the quantization of electron energy in such a box 
conspicuous. If, however, the box is of macroscopic dimensions, say, 
1 cm wide, the permitted electron energies are Ep = 38 x 10-26 n2 eV. 
The permissible energy levels are now so close together as to appear 
continuous. 

po the domain of our everyday experience we do not feel the quantum 

ellects, since on macroscopic scale they are imperceptible. Su poses 
ball of mass 10 g is rolling on the pal it floor of a 10cm wide Fe si 
a speed of 3-3 cm/sec. The permitted energies for the ball, according to 
Eq. (4.27), are E, = 5:49 x 10-57 n? erg. The kinetic energy of the ball 
is 54-4 ergs, and this corresponds to the energy level of quantum number 
n= 1079! There 18 no way of determining whether the ball can take only 
those energies predicted by Eq. (4.27) for n = 1029 +1, 1029 + 2 etc. 
or any energy whatever, so that we may as well say that a continuous 
range of energies is’ possible. This illustrates Bohr’s correspondence 
ETEEN oo that quantum mechanics must yield identical 
classical physics in the limit of large quantum numbers. 
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The values of energy that the particle in the box can possess are 
1, 4, 9, 16,...... n? times the unit h?/8ma?.There are no energy values in 
between these values. It is significant that the electron cannot have zero 
energy since cannot be zero, for the reason cited above. Like quantiza- 
tion of energy, this exclusion of Æ = 0 as a possible value for the energy 
is a quantum-mechanical result, which finds no counterpart in classical 
mechanics. On the basis of classical mechanics, all energies, including 
zero, are permissible. The minimum energy in the present case, namely, 
E,, is h?/8ma?. It is the zero point energy of the system. Any system involving 
vibratory motion is associated with a zero point energy. 

Fig. (4.3) shows, schematically, the three energy levels corresponding 
to the quantum number 1, 2 and 3, together with the plots of the respective 
wave functions and probability distributions for the particle. It is seen 
from this figure that, for the lowest or ground state, one half-wavelength 
covers the box and so there is no internal node. In higher energy levels, 
however, the wave functions have: internal nodes — one in the second 
level, two in the third, and in general, n— 1 in the nth. So the greater 
the number of nodes, and hence the more the curvature in the wave 
function, the greater is the total energy, which, it may be noted, is equal 
to the kinetic energy alone, since in this particular problem the potential 
energy has been.assumed to be uniformly zero inside the box. 

A question may now be asked: What is the value of A, the ‘maximum 
amplitude of the wave function? It may be noted that the solutions of the 
wave equation are independent of the magnitude of A and this permits 
us to choose a value for A in order to satisfy any condition we want to 
impose. Customarily, the value of A is adjusted so that p? becomes actually 


X20 X:a Fig. 4.3 Schematic representation of energy levels 
—— WAVE FUNCTION W rg eap were a A PE 
Bn é 2 istribution functions of a particle in a one-dimen- 

PROBABILITY FUNCTION Yf ional box with infinite potential walls 


80 ; Wave-mechanical Approsoh 


equal to the probability (P,) of finding the particle at a point x, instead 
of being simply proportional to this probability, as is the case otherwise. 
This is done by a process known as normalization, which involves setting 
to unity the integral of the probability between two fixed limits. Thus, 
since the particle must be somewhere between x = 0 and x = a, the 
integral of probability between these two limits must, obviously, be 
unity, that is, 


a a 
J Prdx = J 0%, dx =1 
t) 0 
Substituting pn, from Eq. (4.28) 
a 


jie (Efe 
Air 
æf f — cos (==)] dx = | 
: a 
or 


0 
Hence 
A= Va (4.29) 
Therefore, the normalized wave function is 
ay! is se nt R 
Ün = V?fa sin i x) (4.30) 


h is obvious from Eq. (4.30) that the probability of finding the particle 
= e nodes, i.è. at x ha ajn, where n is an integer, is zero, and that, in 

etween the nodes, this probability passes through a maximum of 2/a. 
ae pein point in the box between x = 0 and x — a, the 

ropabiity of the particle being present may b i i 
different quantum. numbers. For noe ee 


is ae 1, the particle is most likely to be in the middle of the box (x = a/2) 


from which P, = 1/a. The A 
` . probability fro: i ; 
the maximum probability from Via ieai a bet half of 
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Before leaving our discussion of the wave-mechanical treatment of 
a particle in a one-dimensional box it is convenient to introduce an 
important mathematical property of eigenfunctions of the wave equa- 
tion, namely, that any two eigenfunctions are orthogonal. Thus, if we con- 
sider the eigenfunctions ), and Ọm corresponding to two different states 
of the system, that is n  m, then it is found that, whatever the values 
of n and m, 


f Yn Ym de = 0 (4.31) 


Functions for which this relation is true are said to be orthogonal to 
one another. 

On examining the wave functions illustrated in Fig. 4.3 we find that, 
if the quantum number n is odd, (x) =Q(a— x); for example, åf 
n = 3, Ų at a/6 is the same as ) at 5a/6, and so on. On the other hand, 
if the quantum number is even, (x) =—(a— x). Consequently, 
ifn is even and m odd (or vice versa), on integrating Eq. (4.31), the region 
on one side of the centre cancels the region on the other side. (Consider 
for example, the integral when n = 2, m = 3 with reference to Fig. 
4.3.) We can also show that Eq. (4.31) is true whatever the values of 
n and m, Thus, supposing n> m, 


[tetaae [[ Hen (mt) ves (wef) 2 
0 
= ficos — m)x(x/a) — cos(a + m)r(x/a)]dx 
0 


= eee sin(n — m)n(x/a) 


a ; 
GERE sin(n + m)n(xja) | 
Since n and m are integers, (n— m) and (n + m) are also integers; 
consequently, the sines of all the angles in this expression are zero and 
the integral is therefore zero. Thus any two eigenfunctions for the particle 
in a box are orthogonal. In fact, it is a general feature that solutions of 


the Schrödinger equation corresponding to different energy cigen- 
values are always mutually orthogonal. 


Particle in a three-dimensional box. In place of a one-dimensional 
box considered above, we now consider a three-dimensional rectangular . 
box having sides ax, ay and a,, and with potential zero everywhere inside 
the box but infinite outside. The wave function (x,y,z) in this case 
depends on three coordinates x, y» and z. So in place of Eq. (4.23) we 
have to write 


Wave-mechanical Approech 


Bntm 
A Ot et ae BY = 0 (4.32) 


The particle inside the box must satisfy the differential equation (4.32). 
To solve this equation we first see whether the same wave function can 
be factorized into the product of three independent functions X(x), 
Y(y) and Z(z), each being dependent only on one coordinate, namely, 
x, p and z respectively. Let us assume that 

piaz) = XAYO) 
or simply, for the sake of convenience, 

p = XYZ 
Since X is dependent on x only, 

a OX OY 4 AX 

RnR ge tae 
Similarly 
PY zT, ana PY er 

= —_— = Xr 
ope TR Ge ond Ge AT Ga 
Substituting these relations in Eq. (4.32), dividing throughout by XYZ 
and rearranging, we obtain 
B flax E a 1 az) = 

“sealer es yor 20a) 

Tf the total energy Æ is written as the sum of threc contributions asso- 
ciated with the three coordinates, then Eq. (4.33) can be separated into 
three equations, For example, for motion parallel to the x-axis (i.e. when 
x varies, y and z remaining constant), the second and third terms on the 
left-hand side of Eq. (4.33) will be constant. Now, since Æ is constant, 


the first term must also be constant. We call this constant value E, and 
write the following equation. A 


(4.33) 


h? ( 1 ax ) =E, 
pe T m9 
From similar arguments, we have 
hè (; a) i i 
Tim P) TE A 
and : 
Bell ae 
Aai (3 cad =E, (4.36) 
The total energy Æ is given by 
E=£,+ 8+ &, (4.37) 


Factorization of the wave function into the product of three indepen- 
dent functions thus leads to three independent equations (4.34)—(4.36), 
the sum of which represents the original equation [Eq. (4.33)]. 


Atomic Structure and Chemical. Bond 83 


Since Eqs. (4.34)—(4.36) are of the same form as Eq. (4.23), the solu- 
tion for which is given by Eq. (4.30), we can straightaway write the solu- 
tion of Eq. (4.33) as 


y= arg =| Via sin (22) || v27 sin (2)| 
[v Da, sin (e=2)] 
= VAP sin (#5) sin (22) sin 


since the volume of the box V = 4,.a,.az. 

Comparison of Eqs. (4.27) and (4.37) shows that the expression for 
the allowed energy levels in the present problem is 

pie (= ye Te) (4.39) 

8m\a, a% az i ; 

In this three-dimensional problem, n,, ny and nz are the quantum num- 
bers, respectively in x, y, and z-directions of the Cartesian system. 

If the particle be in a cubic box, in which case a; = 4, = 4, = 4, Eq. 
(4.39) reduces to 


he Pe Pour 
ra | 2 2 m solibon 
Din 8ma? ies t aA vy ah Wiass 
The energy thus depends on the sum of the squares of kehé! thindesduan- 
tum numbers and, evidently, it is possible for groups of differenestatts/dach 
specified by a unique set of the three quantum numbers, tolipdssesso¢ue 
same energy. In such a case, the energy level and the corresponding 
independent states are said to be degenerate. Thus, for the level for which 
the energy is 6h2/8ma?, there are three independent states Hayihie Alah- 
tum numbers (2,1,1), (1,2,1) and (1,1,2) for (ngsM%;Nz). This level is there- 
fore three-fold degenerate or triply degenerate. Some otHer similaticoutbi- 
nations are shown in Fig. 4.4. It will be noted that the ground sta¢e:(1//131) 
as also several other states like (2,2,2) are non-degenerale. Themnymberof 
degenerate states will, however, be less if only two sides of theotbx ube 
equal and will be nil if the three sides are unequal. OBOA 7 
The degeneracy breaks down on applying even a small modification 
to the system. Consider, for example, the triply degenerate level]! having 
E = 6h?/8ma?, as referred to above. Now suppose that’ the: «dimension 
were increased by a small amount @a. The corresponding change tin 
energy of the first state (2,1,1), which has 4h?/8ma® associated iwith “the 
x-direction, will be different from that for the other two states»tb,251) 
and (1,1,2), which have h?/8ma* associated with the x-direction.p:‘To 
a first approximation, the energy will decrease by (80a/a)(h?/8ma*) 
for the first state, but for the other two states it will decrease only“by 
(2Ga/a) (h®/8ma®). Breakdown of degeneracy, which thus occurs *dite''to 


sri 


(==) (4.38) 


az 
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wh 23) usg (213) RIN (34.2) (321) 


" G4) (1,3,9) (143) 
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£ 
in units of 
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ima’ 


Fig. 4.4 Quantized energy levels of a particle of mass 
m in a cubic box of side a illustrating degeneracy and 
zero-point energy (Z.P.E.). Sets of quantum numbers 
(nx, ny, nz) lying on the same energy level denote de- 
generate states. 


some modification applied to the system, has relevance to what is often 
observed in practice, such as the splitting of spectral lines in a magnetic 
or electric field. As a result of the application of a magnetic or electric 
field the degenerate level breaks up into separate levels, and consequently, 
spectral lines which were single become multiplets. 


4.10 Application of the Particle-in-a-Box Model 


The simple problem considered above has, in fact, some counterparts in 
real molecular problems. As an illustration, let us calculate, on the basis 
of the particle-in-a-box model, the wavelength of the radiation that will 
be absorbed in the lowest energy, transition of the double-bonding or 
m electrons (see Section 6.10) of hexatriene. Hexatriene molecule with 
its conjugated three double bonds has six m-electrons. Due to delocaliza- 
tion, these electrons are relatively free to move throughout the length of 
the molecule. We can therefore approximately represent the molecule 
as a one-dimensional region of constant potential bounded on both sides 
by regions of infinitely large potential. The permissible energies of the 
m electrons are then given (ignoring electron—electron repulsion) by 
Eq. (4.27). Evidently, all the electrons cannot be accommodated in a 
state represented by a single quantum number since that would violate 
Pauli’s exclusion principle, according to which no two electrons of a 
molecule.can have all their quantum numbers the same. Since, however, 
the orientation of the electron spin can give a spin quantum number of 
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Energy 


Fig. 4.5  Particle-in-a-box model for x-clectrons of hexatricne. The 
broken arrow shows the lowest energy transition, 


+ 1/2 or — 1/2, each state specified by the principal nee number 
n can accommodate two electrons at the most. The six x electrons there- 
fore occupy three lowest energy levels corresponding to n = 1, 2, and 3, 
as represented in Fig. 4.5. The lowest energy transition then occurs with 
the promotion of one electron from n=3 state to the next higher 
state, as shown by the broken arrow in Fig. 4.5. The quantum radiation 
energy absorbed in the said transition is given by 


hè l 
hy = E — E; = Ema? (2— 33) 


Taking a = 7:3 A as the length of the molecule, we obtain hy ea he] 


= 7-93 x 10-12 erg or, à = 2,507 A. This compares quite) well with 
the observed value, namely, à = 2,580 A. 


Suggested Reading 
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Luynerr, J. W., Wave Mechanics and Valency, Methuen, London, 1960. 
Cumprr, C.W.N., Wave Mechanics for Chemists, Heinemann, London, 1966. 


Problems 


4.1 Calculate the wavelength (in angstrom units) and energy (in eV) of a Rody: withia.mase 
of 1 g moving with a velocity of 1 cm/sec. 

4.2 Calculate the wavelength of an electron having 1 eV of energy. , 
4.3 Calculate the energy (in ergs and in eV) of an electron in the first four gantum states of a 
one-dimensional box of length (a) 2 x 10-* cm and (b) 1 cm. 

4.4 A 10 g marble is rolling back and forth between the sides of a level box 10 cm, wide wath 
a speed of 10 cm/sec. Calculate the quantum number of the energy level. j 
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5.1 Introduction 


The hydrogen atom and hydrogen-like ions, like Het, Lit?, Bet3, com- 
prising ‘simply one electron and a nucleus, represent the simplest of 
atomid:systems, The Schrödinger equation has been exactly solved only 
for these simple atomic species; because the occurrence of more than one 
electron, as in other atoms, complicates the mathematics so greatly as 
to permit only approximate solutions. The hydrogen atom has thus 
seeuredsa unique place in the wave theory of atoms. In the following 
discussion of the hydrogen atom, however, we will present only a broad 
outline of the procedure involved in the wave-mechanical treatment, 
and put more emphasis on the interpretation and significance of the 
formal mathematical results in terms of familiar concepts. 


5i2°\SohPodinger Equation for the Hydrogen Atom 


“Phie’liydrégén ‘atom consists of a nucleus (proton) of electric charge + e 
which exerts a Coulombic force e?/r? on a single electron of charge — e 
at a distance r. The electric potential energy of the electron is zero at 
infinity and at a finite distance r from the nucleus it is given by 
diw biw pio OF zod be 2 2 
U= | Fdr ='| -d =— — 

r r 

2 . 


% 


N 
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Using this value of U and taking the nucleus as the centre of our system 
of coordinates the Schrédinger equation [Eq. (4.22)] now takes the 
form 


my YM Oem (py Ay 


wt ot it A A. 

For the sake of convenience we shall consider the nucleus to be statio- 
nary. However, as in the Bohr theory, the correction for the motion of the 
nucleus can be obtained by simply replacing the electron mass m by the 
reduced mass u. The above physical model for the hydrogen atom can 
be applied to hydrogenlike ions (Het, Lit, Bets) simply by taking 
U = — 2é/r, corresponding to a nuclear charge of + Ze, 2 being the 
atomic number. In the more general form, Eq. (5.1) is thus written as 

ay ap mp | Sri ( ae 

ator tga tow ete ee earn 

The electron-nuclear distance r which appears in the potential energy 
term can be expressed in terms of the Cartesian coordinates as r? = 
x?y%+22, However, owing to the symmetry of the physical situation it 
will be more convenient to express Eq. (5.2) in terms of the spherical 
polar coordinates r, 0, @ (Fig. 5.1), where r is the length of the radius 
vector, 0 the angle between the axis of the sphere and the radius vector 
(or, in other words, it corresponds to 7/2 — latitude’); and ¢ the angle 
between a fixed meridian plane and the meridian plane in which r is 
measured (ie. it corresponds to the ‘longitude’); 0 is called the zenith 
angle and ọ the azimuthal angle. 

The transformation of Eq. (5.2) from the Cartesian to spherical coordi- 
nates yields 


1fé A et ( ; a4) 
alea) + an a6 a 
l a ray Z) 3B es 
mame gt tae Ett et ‘i 
This is the partial differential equation for the wave function ) of 


Fig. 5.1 Positions of coordinates of the electron. 
Clearly, @ varies from 0 to x and 9 varies from 0 to 
2r. ; ' 
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the electron in a one-electron atom. Coupled with the various conditions 
Ų must satisfy (see Section 4.6), this equation completely specifies the 
behaviour of the electron. 


' 5.3 Separation of Variables 


The advantage of writing the Schrédinger equation in terms of spherical 
polar coordinates for the problem of one-electron atom, as we have donc 
above, is that in this form it may be readily separated into three indepen- 
dent equations each involving only one coordinate. Let us assume that 
') (r, 0,9) can be written as the product of three functions: R(r), which 
depends upon r alone; © (0), which depends upon 6 alone; and ©(¢) 
which depends upon ọ alone. Thus, 

(1.8.9) = R(r)O (6) (9) (5.4) 

The function R(r) describes how the wave function ) of the electron 
varies with the radial distance from the nucleus, with 0 and constant. 
The function © (6) describes how ) varies with the zenith angle 0 along 
a meridian on a sphere centred at the nucleus, + and » being constant. 
The function ®(p), on the other hand, describes how Y varies with the 
azimuthal angle ọ along a circle on a sphere centred at the nucleus with 
rand 6 constant. 

We may write Eq. (5.4) in a simpler form as 

Y =ROO. 


3 


(5.5) 
and correspondingly, 
p/ar = OMAR/ar 
Ap/20 = RO 00/00 
O)/0p = ROA /dq (5.6) 
Substituting Eqs. (5.5) and (5.6) into (5.3) we find 
Lf op 2 (2R) RO ô/. 00) Re om 
aloo Or (#3) T sind 00 (sino?) + sin? z=] 
YaN, 2 
Tt (z a roo =0 (5.7) 


Multiplying each term in Eq. (5.7) by the factor r2 sin*0/RO®, we get 
a (ad a : 028) 1 @o 
RA" a) + “ey (s00 55) + 


— 


R or 00)" O dg? 
87? 
H(z i ) 7? sin?0 = 0 (5.8) 


Tt is seen that the third term of Eq. (5.8 


| is a function of » only, while 
the other terms are independent of 9. (5.8) % 


Let us rearrange Eq. (5.8) to read 
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1 i e(r sind ð fino? 
-oa “an © 20 (sino $2) + 
pre (z ni W) rè sin%9 (5.9) 


Since the two sides of Eq, (5.9) are functions of different variables, 
this equation can be correct only if each side is equal to the same cons- 
tant, which we shall call m*, We then have two equations: 


1 o 
eer (5:10 
sin"? 0/ ,OR\ , sind ô ( à 2) 
and (ae) + aa) 
8r?u ( =) We PA dha 
TF E+ = r? sin?§ = m? (5.11) 


Dividing each term in Eq. (5.11) by sin?0 and rearranging we find 
that 


1 8/., aR e 2) 
Ra" ye) +e (Ete) 


m? 1 E GAT.) 
= mh sans me (sno) 2) 


Here also we have an equation the two sides of which involve two 
variables and must therefore be equal to the same constant, which we 
shall call Z. We then have the following two separate equations: 


1 d/.., do = Al 5.13) 
mo gp sin® 5) + (l-i © =0 (5.13) 
El dy dR 8% Re -(3) 0 5.14 
ena ag tS) + (ez +f )r- (n)a Si 


We have thus separated the variables in the partial differential equa- 
tion (5.3), in place of which we now have three ordinary differential 
equations to solve — Eqs. (5.10), (5.13) and (5.14). 


54 Quantum Numbers 


The procedure for solving the above set of differential equations is as 
lows: 


(i) We first solve Eq. (5.10) for ® (p) and find the values of m which 
Yield well-behaved solutions. } 

(ti) The values of m so obtained are used in Eq. (5.13) and the values 
of L which yield well-behaved solutions, (6), are found. 
(iit) These values of Z are used in Eq. (5.14) and the values of E which 
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yield well-behaved solutions, R(r), are found. These values of Æ are the 
allowed values of the electron energy of the atomic system we are study- 
ing. 


Equation (5.10) is readily solved, with the result 

© (9) = Aeine (5.15) 
where A is the constant of integration. 

One of the conditions (see Section 4.6) that the wave function ¢, 
and hence: (p) which is a component of }, must satisfy is that it should 
have a single value at a given point in space, Since ọ and » + 2v -refer 
to the same meridian plane (see Fig. 5.1), it must be true that ® (ẹ) = 
®(e + 2x), or 

Adme = Aeim( + 2r) 

This can happen only when m is zero, or a positive or negative integer, 
that is, when m = 0, + 1, + 2,........ Therefore, mis a quantum num- 
ber. It is usually called the magnetic quantum number, because the energy 
of a hydrogen atom in a magnetic field depends on the value of this . 
quantum number; it is analogous to m in the old-quantum-theory treat- 
ment (Section 3.3). 

The acceptable values of m found are now substituted into Eq. (5.13) 
and the allowed values of L, which yield well-behaved solutions, © (8), 
are investigated. This problem being beyond the scope of this book, we 
shall only state the results. It is found that for @ (0) to be well-behaved, 
L must be of the form 

L=((l+ 1) (5.16) 
where / is an integer equal to or greater than |m], the absolute value of 
m. In other words, 

1=|m|,'|m| +1, |m|+2,.... (5.17) 

The integer / is known as the angular momentum (or azimuthal) quan- 
tum number, because it determines the angular momentum. The angular 
momentum associated with a particular value of l is given by Vi(J + 1) 
(|27). The relation between the permissible values of m and | given by 
Eq. (5.17) can be expressed in the form m = 0, + 1, +2,........ aye 

The value of L from Eq. (5.16) is then substituted into Eq. (5.14) and 
the allowed values of Æ are investigated. The mathematics of the prob- 
lem being too complicated to be worked out here, only the results will be 
stated. It is found that all positive values of Æ are associated with well- 
behaved functions, R(r). This result is, of course, quite expected, since, 
as we have already seen in Section 2.8, positive values of the energy cor- 
respond to ionization, so that the electron is free from the bounds of the 
nucleus and therefore can take up a continuous range of energies. How- 
ever, here we are interested in the negative values of E, since E being 
negative signifies that the electron is bound to the atom. But it is found 
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that only certain, and not all, negative values of E yield well-behaved 
R(r). These allowed values are specified by 


E Kee 
E, = aa (5.18) 
where n =1-+.1, 2+ 2, 4+ 8,.--- (5.19) 


We recognize that Eq. (5.18), which is the result of the wave-mecha- 
nical treatment, is precisely the same as Eq. (2:25), found by the Bohr 
theory. We thus see that the concept of energy quantization in atoms, 
which was first introduced by Bohr merely as a hypothesis, now appears 
inevitably in the wave-mechanical treatment as a result of demanding 
only well-behaved solutions. The constant n is known as the principal or 
total quantum number, and its relation to J, as given by Eq. (5.19), can 
be expressed in the form / = 0, VQ rare »(n— 1). 

We have thus, obtained three quantum numbers which we may list 
together with their permissible values as follows: 


Mate Fs Sie cae BS 
yl i a , (n—1) 
maw 1, 2) oe pe 


To sum up, all the quantum numbers are integers and their relative 
values are specified by the inequality: 

n>la|m| (5.20) 

Indicating by subscripts the quantum numbers upon which each 
function depends, we can now rewrite Eq (5.4) as 


Pain (150,9) = Rni(r) O1m(®)Pm(P) (5.21) 

A quantum state is characterized by a set (triplet) of three quantum 
numbers (n, l, and m), whose relative values satisfy (5.20), but the energy 
of the one-electron system, as given by Eq. (5.18), is specified only by the 
total quantum number n. So more than one set of quantum numbers, 
with the same principal quantum number n, may correspond to the same 
energy — a situation which we have already encountered in the particle- 
in-a-box problem in the previous chapter. For n> 1, the energy states 
of the one-electron system are thus degenerate. 

The degeneracy, however, is removed when the atom is subjected to 
an external electromagnetic field. Under this condition a state of total 
quantum number n breaks up into several substates, the energies of which 
are slightly more or slightly less than the energy of the original state in 
the absence of the field. This phenomenon is manifested in the splitting 
up of individual spectral lines into separate lines when atoms radiate in 
an external magnetic field (Zeeman effect), or in an external electric field 
(Stark effect). 

In addition to the three quantum numbers, discussed above, which 
arise in the solution of the Schrédinger equation, there is the fourth 
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quantum number, ms, called spin quantum number which can take on 
only the values + 1/2 or— 1/2. The notion of electron spin with its 
associated magnetic moment and quantum number was first introduced 
by Goudsmit and Uhlenbeck in order to obtain empirical agreement 
between theory and experiment. It should be noted, however, that the 
classical picture of electrons as spinning charged spheres, which Gouds- 
mit and Uhlenbeck had in mind, hardly accords with quantum mecha- 
nics. But in 1928 Dirac devised a relativistic form of the quantum mecha- 
nical treatment on the basis of which it was shown that a particle having 
the charge and mass of the electron must behave exactly as if it had the 
intrinsic angular momentum and accompanying spin magnetic moment 
postulated earlier by Uhlenbeck and Goudsmit. 

What emerges from the above discussion is that the value of the princi- 
pal quantum number, n, is the most important determining factcr for 
the. energy of the electron, but in the presence of an electromagnetic 
field, the energy depends on all four quantum numbers, so that a given 
electronic energy is specified by the quartet of quantum numbers (n, l, 
m, and m;). However, even in the absence. of applied electric or magnetic 
fields, such fields are present in a multi-electron atom because of the 
movement of inner electrons. ; 


5.5 Hydrogen-like Wave Functions 


The complete wave function of a one-electron or hydrogen-like atom is 
equal to the product of the radial wave function and the spherical wave 
functions, as given by Eq. (5.21). The interpretation of the wave function 
has been considered in Chapter 4 (see Section 4.8). Here we may 
only state that the probability of finding an electron, which is in the 
quantum state (n, l, m), in a certain elemental volume dv = r2dr sin® d0 dọ, 
in the neighbourhood of the point (r, ©, ẹ) is given by {Vntm(r.9,9)}? do. 
(It is understood that here, as well as in all subsequent cases, the 
square of any wave function is to be replaced by the product of it 
and its complex conjugate, if the function is a complex quantity.) So, 
Yam may be called the probability density for the electron. From Eq. 
(5.21) we can write 

Salm = Ry Omn (5.22) 


Expressed in this way, ©%,, gives the babili i 
€ ’ probability density 2,), as 
2 ae the oe ? alone; ©%, gives the probability eee ts a 
unction of the angle 0 alone, and R2,, gives th ili i 
en ee ; nt Zives the probability density as a 
The probability of the electron being found in the atom is unity since 
the electron must exist somewhere, Therefore; the integral of the proba- 
bility density over the entire volume of the atom must equal unity, that is. 


Atomic Structure and Chemical Bond 93 


© x 2x 
f f Vnim (7,9,9) P*um (79,9) 12 sin 0 dO dp dr = 1 (5.23) 


Eq. (5.23) gives the condition for normalization of the total wave 
function. Similarly, the conditions for normalization of the spherical and 
radial wave functions are: 


2x 

f Onm lp) OF m(~) dp = 1 (5.24) 
i {Orm (0)}? sin @ dð = 1 (5.25) 
f (Ry (Nyt fdr =] (5.26) 


It is easy to show that the probability density does not depend on the 
azimuthal angle ọ at all. Earlier in this chapter, we found that 

©» (p) = Aeine 
The complex conjugate of ®(ọ) is 

© *m (p) = Arimo 
anc so 

Onl) O*m(p) = Alimp ime) — A? 

This result means that for all values of m the probability density is 
symmetrical about the z-axis, so that the probability of the electron being 
found in a small element of angle dọ is the same in all directions, i.e. 
from 0 to 2m. This situation may be graphically represented by a circle, 
as shown in Fig. 5.2. 

To evaluate A we make use of the normalization condition given by 
Eq. (5.24). We thus obtain 2nd? = 1 and A = 1/V2n. The norma- 
lized function ©,,(@) is therefore 


én = cimo (5.27) 


Analytical expressions for the normalized functions ©j»(8) are given 
in Table 5.1 

The azimuthal quantum number / = 0, 1, OR AA A , as we have 
noted earlier, correspondes to the states s, f, d, f, .---; respectively. So 


Fig. 5.2 D®*, ic. the probability density distribution yy* 
as a function of 9 
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the wave function ,,o(0), as mentioned in Table 5.1, describes the s 


3 


electrons; ©,,(0) and ©, «1(6) describe the electrons; and so on. 


Table 5.1 The Normalized Functions, @j,, (8), for a 
Hydrogen-like Atom 


en eee etna 


l=0 m=0 ©, ,0(0) = a s electrons 
EADE SU eE AA E E EE N A SA E U a 
j vē 

l=] m=0 ©,,.(8) = -y 008 0 

Va p electrons 
l=1 m=+1 41002) => sind 
E i OEEO a 

T0 

j=2 m=0 ©,,9(8) = ug cos" — 1) 
[aime asl) OPAO aan sin 0.cos 6 d electrons 
j EA e R 9,0 = “Ë sin’ 


E ESEE ee ee RASE ere 


By plotting [©;m(®)]* as a function of the angle 6 on the xz-plane we 
obtain the polar representation of probability density distribution as a 
function of the zenith angle. Such polar curves are shown in Fig. 5.3 for 
s, p and d electrons. The significance of these plots is that a measure of 
the electron’s probability of being located in any direction is given by 
the magnitude of a straight line extending from the centre up to the curve 
boundary in the same direction. 

For an s electron, l = 0, m = 0 and [@ , (0)]* = 1/2, a constant 
independent of the angle 0. This means there is equal probability in all 


t0 s 
m:0 


Electrons 


p 
Electrons 


| d 
CT Electrons 
m=+2 
34 
Fig. 5.3 Polar representation of probability density distribution as a function 

of the zenith angle 0 for s,p,d electrons of hydrogen 
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directions about the nucleus with @ value being between 0 and zx, so that 
graphically this situation can be represented by a half circle on the xz- 
plane. Since, as mentioned before, the electron’s probability density on the 
xy-plane is symmetrical about the z-axis, i.e. independent of 9, regardless 
of the quantum state it is in, by taking © and » together the said half 
circle results in a full circle on the xz-plane, as shown at the top of Fig. 
5.3, while in three uimensions the result will evidently be a sphere. For an 
s electron, therefore, the probability density function is said to be spheri- 
cally symmetrical about the nucleus. 
For p electrons, l = 1 and m may take three values + 1, 0, — 1. In 
` the second line of Fig. 5.3 are presented the probability density distri- 
butions as a function of 0, corresponding to these three states. 
For d electrons, / = 2, and m may take five values 2, 1, 0,— 1, — 2. 
The last row of Fig. 5.3 shows the distributions for each of these five states. 
It is seen from the polar graphs of Fig. 5.3 that (¢) for all:m = 0, with 
the exception of s electrons, the electron’s probability density is greatest 
in polar directions, i.e. in the directions of 0 = 0 and 0 = x; (it) with 
m = + l or— l, the probability density is greatest in the direction of 
the equatorial plane, i.e. in the directions of p = 0 and 9 = t; and 
(iii) with m = (i— 1) or— (l— 1); the probability density is greatest 
in the directions lying exactly between the polar and equatorial planes. 


Angular wave function. The product of the two functions ®m(ẹ) 
and @jm_(8) describes the angular part of the complete wave function Ņ 
and is determined by the quantum numbers / and m. We shall refer to 
it as angular wave function Vim(,9) : 

Pim(8,9) = Olm (0) Dnle) (5.28) 

While we no longer consider the electron to be moving in a fixed orbit 
as proposed by Bohr, the wave function Ų for an electron does, in a sense, 
describe the motiori of the electron (in a field of only one atom) and so 
Ņ is generally referred to as an atomic orbital. Since | = 0 designates s 
electrons, the corresponding wave function is called an s orbital. Simi- 
larly, the wave functions corresponding to / = | are called p orbitals, 
while d orbitals are those for which / = 2. 

Analytical expressions for the normalized angular wave functions, for 
5, p and d orbitals, are obtained by multiplying the appropriate ©jm(@) 
from Table 5.1 by ®n(p) = (1/V 27) eime. 

Thus for the s orbital, / = 0, m = 0, and so the normalized angular 
wave function, which we shall denote by p(s), is 

Y(s) = thew 

2x 

For l = 1, there are three values of m, namely 1, 0, — 1 and so there 
are three p orbitals. The corresponding angular wave functions may be 
designated as U(p,1), ) (Pp) and (p_,): Using Eq. (5.28) and appro- 
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priate functions given in Table 5.1, they are expressed in the form 
3 \12 f, 
Pa) -(2) aaga 
3 Ņ\ 1/2 
Pha) -(2) cosð® j (5.29) 


2 ie in O,e7He 

ve.) =(2) sino, 

For m # 0 the orbitals are imaginary functions, It is usually more 
convenient, however, to deal with an equivalent set of real functions 
obtained by linear combination of these functions, For the orbitals, we 
take the following linear combinations: 


_ Y(P4s) + Yli) 
Ple) = = Ji 


Y(b2) = sho ea (5.30) 
— — i Yr) — YU- 


Introducing expressions for )(p,;) and (_,), the expression for 

Y(px) becomes 
3 1/2 s 6 

dg) aN ae me 

Clearly, this angular wave function has its maximum value in the 
x-direction. Hence the designation py. The expression for (fy) can be 
obtained in the same way. 

For / = 2, there are five values of m and hence there are five d states, 
which we may designate as (dys), Y(d+1), Y(do), Y(d-1), Y(dg). The 
following linear combinations are taken to derive five real d functions: 

H(ds) = Ydo) 

d 
Pda) = Vd t Pd ses) 


da) — Yida) 
Y (dz) VAN 
Ilda) = P(dta) + Pld) 


V2 
— — Pdea) — Y(ds) 
V(dy) W s 


(5.31) 


Analytical expressions for the real d functions along with those for 
s- and p-functions are given in Table 5.2. 


` 
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Table 5.2 Normalized Angular Wave Functions, +}),,(0,9), for 


a Hydrogen-like Atom 


1 


m=0 V6) = pe 


Se te a TARS 2Vz re 

I=1 m=0 v(pz) = (3/47)! cos6 
1=1 m=+1) (px) = (3/4)! sin 0 cosọ 

= m=— 1f (py) = (3/47)! sin 0 sing 
l=2 m=0 Y(dz*) = (5/16n)/2 (3cos*@ — 1) 
l=2 m= +1) Y(dez) = (15/4n)¥ sin @ cos 0 cos o 
l=2  m=—1) (dz) = (15/4n)1/* sin 0 cos 6 sin ọ 
l=2 m=+ +} Y(de*_y*) = (15/167)4/? sin? 0'cos2o 

2 m=— 2 


Y(dey) = (15/167) */? sin? 6 sin2o 


note: The purpose of putting bracket is to indicate, for instance, that the px and py orbitals 


are not identical with q,; and Y}, respectively. The latter functions are actually 
complex but appropriately normalized sums and differences of them give the real 
functions (px) and (py). The same applies to bracketed d orbitals, 


tion, specified by the angles 0 and œ, is proportional to the length of a 
straight line extending from the origin up to the surface in the same 
direction. The shape and orientation of an atomic orbital are largely 
determined by the angular wave function Vim(8,~), and since the latter 
is independent of n we can expect orbitals of the same / but different n 
to be similar in shape. The directional properties of atomic. orbitals, 
which we are discussing here, are of particular importance in view of 


Iz- 
ied 
È y~ 
VEN s 


X Fig. 5.4 Polar representation of the angular 
wave functions for s, p and d orbitals. The 
squares of these are the probability distribu- 
tion functions, 
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the part atomic orbitals play in molecular geometry, as we shall see in 
later chapters. ; 

The following important generalizations can be made about the vari- 
ous orbitals represented in Fig. 5.4. 

(1) All s orbitals (/ == 0) are spherically symmetrical and there is no 
dependence of the wave function on angle. All other orbitals have cha- 
racteristic directional properties. 

(2) Each p orbital (/ = 1) is made of two lobes touching at the origin 
and aligned along one of the three axes — px orbital along x-axis, p, 
along y-axis and p; along z-axis. The two lobes of the px orbitals are 
separated by the yz-plane in which the wave function has zero value; 
this is called a nodal plane, and all p orbitals have one such plane. The 
sign of the angular wave function changes as the nodal plane is: crossed ; 
the two lobes of p orbitals are thus of opposite sign. 

The three p orbitals, it is seen, are mutually equivalent — having 
similar size and shape, and being oriented similarly, namely, along one 
axial direction. 

Under normal conditions, i.e. in the absence of an external electric 
or magnetic field, orbitals of the same /-value have the same energy, the 
energy depending on the total quantum number, n; the three p orbitals 
are therefore degenerate, and an electron, say, in the n = 2, l = 1 level 
may occupy any of three 2p orbitals of equal energy. This degeneracy is, 
however, removed in the preserice of an external magnetic field, be- 
cause then the orbitals are oriented differently with respect to the 
external field, and consequently, the energies of the px, py and p, orbi- 
tals differ slightly, even for the same value of n, depending on the values 
of m. 

(3) The dorbitals, it is seen, are more complicated in shape than the 
p-orbitals; all of them, except the d,? orbital, have four lobes alternating 
in sign, i.e. opposing pairs being of the same sign. Thus, in contrast to 
the p-orbitals, which, as mentioned before, have one nodal plane, the 
d-orbitals are characterized by the fact that they have two nodal planes. 
In general, the energy of an orbital increases as the number of nodal planes 
increases; thus, for a given value of n, the energy of the orbitals increases 
in the order s < p< d. y 

The five d orbitals, for the same reason as given above, are degenerate. 
The d orbitals are, however, not mutually equivalent in contrast to the 
$ orbitals which, as mentioned before, are equivalent. Three of the five 
d orbitals have lobes lying symmetrically between the axial directions, 
namely, between x- and y-axes (dy orbital), y- and z-axes (dy, orbital), 
and x- and z-axes (dx, orbital). In contrast to this, the lobes of the d,_y 
orbital lie along the x- and y-axes, while those of the d,? orbital lie on 
the z-axis, ‘The d-orbitals can thus be divided into two sets; one set com- 
prises the d,»_j2 and the d,* orbitals, i.e., those which point along the 
axial directions, and the other set comprises the dy, dyz, and dx, orbitals, 
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i.e. those which point along 45° to the axial directions. Because of this 
difference in orientation, the energies of the two sets of orbitals are diffe- 
rently affected by electrostatic fields such as those of ligands; this is 
discussed more fully in a later section. 

Squaring the angular wave function we get the angular probability 
density function. The angular probability density distributions for s, p 
and d electrons are therefore given by the squares of the polar representa- 
tions of the respective angular wave functions shown in Fig. 5.4. 


Radial wave function. The radial part of the wave function 4, 
i.e. the radial wave function R,;(r), determines the spatial extent of the 
orbital. The radial wave function, in contrast to the angular wave func- 
tion not only varies with r but does so in a different way for each set of 
quantum numbers n and l. Analytical expressions for the radial wave 
functions for one-electron or hydrogen-like atoms are listed in Table 5.3. 


Table 5.3. Normalized Radial Wave Functions, Ry/(r) 
& i hè ° É "i 
[e Bae tae 0-529 A (Radius of the first Bohr orbit) 


n=1 I=0 u Ryo(t)=2 (2) e? 

n=?! 120° 2 ROA nae (E e- een 
m=2 I[=1 2 Raa zz (2) Meant 

m= Tm 1B Real) = ge (Z) Ce 


Fig. 5.5 contains graphs of the radial wave function, Rai(r), versus r for 
Is, 25, 2p, 3s, 3p and 3d electrons. The radial function always contains 
the factor e-na, where n is the principal quantum number, and a, 
= h?/4xye? is the Bohr radius (0-529A). As the effective nuclear charge 
(X) increases, the radial wave function falls off more rapidly with in- 
creasing r. The abscissa of Fig. 5.5 is given in terms of Bohr radii. It is 
seen that Ry is maximum at r = 0, i.e. at the nucleus itself, for all s states, 
while for other states it is zero at r = 0. 

We are more interested, however, in the probability density for the 
electrons than in the wave function. The probability density as a function 
of r is given by the square of the radial wave function, i.e. [Ry(r)]®. We 
may conveniently draw a parallel between this probability density and 
mass density; water, for instance, has a mass density of 1 g/cm? but in 
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Fig. 5.5 Variation of the radial part of the electron 
wave function with distance from the nucleus in hydrogen 
for various quantum states 


order to know its actual mass we must multiply this density with the 
volume of water in question. Similarly while [.R,,(r)]? gives the probability 
density of the electron at a distance r from the nucleus, the actual proba- 
bility P of finding it there is given by [Ru(r)]? do, where do is an infi- 
nitesimal volume element between r and r + dr, or in other words, do 
is the volume of a spherical shell whose inner radius is r and outer radius 
is r + dr. The volume of such a spherical shell is 47r? dr. So the actual 
probability of finding the electron at a distance between r and r+ dr from 
the nucleus in a one-electron atom is 

P = D.dr = 4rr? [Ryu(r)]2dr (5.32) 

The plot of the distribution function, D, i.e. 4nr? [Ru(r)]? versus r 
gives the radial distribution curve. The radial distribution curve for 1s 
electron is presented in Fig. 5.6(b); for comparison, Fig. 5.6(a) displays 
the probability density distribution as a function of r for ls electron. It 
is seen that even though the electron density is maximum at the centre, 
ie. at r = 0, the probability of finding the electron exactly there is zero, 
which is because mathematically the centre is a point of zero volume. 
On moving outwards, however, the area of the sphere, 47r?, increases 
and this combining with the falling value of [Rni(r)]? results in a curve 
with a maximum; the value of r at which this maximum occurs — that 
means the most probable distance of the electron from the nucleus — is 
seen from Fig. 5.6(b) to be a) = 0-529 A, which, significantly, is just the 
radius of the normal Bohr orbit for hydrogen. There is, however, a 


fundamental difference between the wave-mechanical atom and the 


Bohr atom. In the latter, the electron always rotates in an orbit at a 
fixed distance around the nucleus, whilst according to wave mechanics 
the electron is most likely to be located at this distance, but may also be 
found elsewhere. 


Fig. 5.7 contains all the radial distribution curves corresponding to 
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the radial wave functions which have been listed in Table 5.3 and 
graphically presented in Fig. 5.5. It is seen that there is a principal maxi- 
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mum in each of the plots (there are also subsidiary maxima in some of 
the plots because of the nature of the radial wave functions) and that, as 
n increases, the radius of the principal maximum increases. Comparing 
ls and 2s, for instance, the principal maximum occurs at about a, and 
5a, respectively; this means that the ls electron is most likely to occur 
at a distance of 0:529 A, but the 2s electron at a distance of 5 x 0-529 A, 
from the nucleus. Of particular interest also are the distances at which 
the probability of electron occurrence is zero; while for both the 1s and 
2s states the probability is zero at r = 0 and r= œ, for the 2s state the 


probability is zero also at 2a , i.e. 1-06 A from the nucleus. 


5.6. Sectional Representation of Orbitals 


We can now draw sections through some of the orbitals we have dis- 
cussed earlier. For this we write the expression for the complete wave 
function: | 

Prim(7,9,9) = Ru(r)O im(8) D m(p) = Rul) Pimp) (5.33) 

Let us consider the 3s orbital. Eq. (5.33) then becomes 

Pa,o,o(r0p) = Rgo(r) Poo (8p) = R, o(r) Y(s) 
: Substituting the expressions for the normalized radial and norma- 
lized angular wave functions from Tables 5.3 and 5.2: respectively, the 
normalized complete wave function takes the form 


1 Z \s2 “A 
Vonolh80) =a g-(E)" C7 189 + 26h em 


We can now obtain a section through the 3s orbital by tracing contour 
lines of constant values of the total wave function. Fig. 5.8 shows such 
a section. Its pattern follows quite obviously from the spherical sym- 
metry of s orbitals (see Fig. 5.4) coupled with the characteristic spatial 
variation of the radial wave function Ry(r) for the 3s state (see Fig. 5.5). 
The broken lines in Fig. 5.8 represent nodes (Phim = 0). These nodal 


lines occur at about 1A and 4A, i.e. the distances at which Ry(r) for 
the 3s state passes through zero value. The sign of the total wave function 
in different regions of the 3s section is determined by the sign of the 3s 
radial wave function at corresponding radial distances from the nucleus 
(see Fig. 5.5). Thus, the region from the nucleus up to the inner nodal 
line and that beyond the outer nodal line are positive, whereas in bet- 
ween the two nodal lines the region is negative. 
For the 2, orbital, the normalized complete wave function is given by 


(7,9, ) 
paneda) = 0 pw 
1 3/2 
F Wy 2r (Z ) ee*"* sin® cosp (5.34) 


Atomic Structure and Chemical Bond 103 


Minimum y 


= Nodes (p= 0) 
Der 
a 


Maximum y 


Fig. 5.8 Section through 3s orbital showing positive and 
negative regions 


While drawing contour line on the xz-plane, ọ is constant, being 0° 
in the + ve x-direction and 180° in the opposite direction, so that the 
wave function is only a function of rand 0. Fig. 5.9(a) represents the 
section through the 2, orbital showing the positive and negative regions 
enclosed by contour lines on the xz-plane. The section through the 
3p, orbital on the same plane is represented in Fig. 5.9(b). 


5.7 Charge-cloud Representation of Orbitals 


If we could imagine ourselves being able to photograph the 1s electron 
(i.e. electron in 1s quantum state) in a hydrogen atom, a snap shot would 
locate it in a certain position; but if we should take a long-time exposure 
of this 1s electron jumping around, so. that the pictures of the electron 
pile up on top of each other, the developed plate would look something 
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Fig. 5.9. Sections through (a) 2px orbital and (b) 3px orbital, showing 
positive and negative regions (Not drawn to scale) 
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Fig. 5.10 Charge-cloud representation of Is electron RA hfe 
with cloud density proportional to probability density f . 


like a cloud picture as shown in Fig. 5.10 (except for the fact that Fig. 
5.10 shows the cross-section while our imaginary camera would, however, 
see the whole depth). This gives the ‘charge-cloud’ representation of 
the 1s electron. The maximum blackening of the cloud in the immediate 
vicinity of the nucleus indicates that the 1s electron spends most of its 
time in this region, or, we can say, the electron probability density is 
maximum in the region just surrounding the nucleus. The so-called 
charge-cloud is thus really a probability cloud, and the density of this 
charge-cloud corresponds to the probability density which, as we noted 
earlier, is given by the square of the complete wave function, (2, or the 
product of the square of the radial wave function and the square of the 
angular wave function. 
We can, therefore, visualize the qualitative shape of the charge-clouds 
| associated with different orbitals. Since the angular wave function for 
the s state, and hence its square, is spherically symmetrical, and since 
the spatial variation of the square of the radial wave function for the 1s 
state has the form as shown in Fig. 5.6(a), the 1s electron may be consi- 
dered to form over a period of time a ball-shaped charge-cloud with 
maximum density just about the nucleus. Similarly, the electron in the 
2s state may be considered to form around the nucleus a ball and an 
outer shell, in the 3s state to form a ball and two concentric shells, and 
so on. Fig. 5.11 depicts these charge-cloud representations and also those 
for the 2p, 3p and 3d states. It might be mentioned that the electronic 
charge-clouds of Fig. 5.11 are the modern substitutes for the electron 
orbits of the Bohr-Sommerfeld theory. The clouds or their solid figures 
showing surfaces of equal probability densities are, therefore, often 
referred to as orbitals. Thus an orbital, in contrast to an orbit of the old 
theory, denotes a rather more diffuse region in which the electron can 
be said to exist. Figs. 5.12 and 5.13 show the probability distribution on 
the xz-plane of the electron in some of the eigenstates with the principal 
quantum number n = 3, 
While Fig. 5.11 shows ls to 3d orbitals, there are also orbitals corres- 
ponding to the states 4s, 4p, 4d, 4f, 5s, and so on ad infinitum. It should 
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i 5.11 Some orbitals of a one-electron atom. Electron-cloud ‘pictures are 
A coat through centre of atom, while solid pictures are perspective views 
Peo x ee ea of cloud pictures is that the electron spends more time 
when i P aeh Solid pictures, „however, merely enclose the regions in space 
kena e electron spends most time, but do not display the gradual fade-out and 
e Aa bs the electronic distribution. (After W. F. Kerrer, and R. K, 

a » ‘Supplemen! Readings of Chemical Bond Approach,’ Journal 9 
Chemical Education, ‘960157 gs ppr J of 
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Fig. 5.12 Electron probability density distribution on the xz-plane: (a) 3s 
orbital and (6) 3pz orbital. Contour lines represent levels of equal probability 
density. (After U. Fano, and L. Fano, Basic Physics of Atoms and Molecules, 
John Wiley, New York, 1959.) 
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Fig. 5.13 Electron probability density distribution on the xz-plane: (a) 3dz? orbital, 
(b) 3dxz orbital, and (c) 3dx°_y? orbital. Contour lines represent levels of equal 
probability density. (After U. Fano, and L. FANo, Basic Physics of Atoms and Molecules, 
John Wiley, New York, 1959.) 


be noted that the pictures in Fig. 5.11 show the different possible orbitals 
of the single-electron atom. The shapes of these orbitals, when the atom 
has more than one electron would be somewhat altered; the general 
picture would, nevertheless, remain the same. 
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5.8 Wave-mechanical Model for Many-Electron Atoms 
® 


When we try to apply the methods, laid out in Section 5.2 for one- 


electron atoms, to atoms with a population of more than one electron, 
complications arise at once because in these atoms, any particular elec- 
' tron, apart from being attracted to the oppositely charged nucleus, is 
also repelled by the rest of the electrons, and consequently, terms con- 


taining inter-electronic distances appear in 


the expression for the poten- 


tial energy of the said electron. The presence of such terms in’ the wave 
equation makes an exact solution impossible. Approximate methods 
have, therefore, to be used, and one widely used method involves solv- 
ing the Schrédinger equation individually for each electron, moving 
in the combined potential field of the nuclueus and of all the remaining 
electrons. This is, in essence, the Hartree self-consistent field (SCF) 


method for treating many-electron atoms. 


Hartree’s SCF method is based on a series of successive approximations 
and requires a vast amount of laborious computation, as will be indi- 
cated by a brief outline given here. Since consideration of instantaneous 
interactions of a single electron with all of the remaining electrons ren- 
ders the problem insoluble, a simplifying assumption is made, namely, 
that the single electron is acted upon by the average charge distribution 
of the other electrons. In the first place, plausible wave functions, ), aie 
guessed; the summation of the individual charge distributions (Zp?) then 
gives a potential which is itself very nearly symmetrical spherically. In 
the approximation of the SCF method, moreover, the potential is made 
completely spherical by the fact that a spherical average is taken. The 
Schrödinger wave equation formulated with this potential can be solved 
to obtain a ‘first improved’ wave function for the electron concerned. 
The wave function so obtained may then be used along with the other 
trial wave functions to obtain, in the same way, a first improved wave 


function for a second electron. Repetition 


of the process for the other 


electrons, taken singly, yields a complete set of first improved wave func- 
tions. A second cycle of calculation is then carried out, all over again, to 
obtain a more improved set of wave functions in place of the first. The 


process is repeated over a number of cycles 


till, to a good approximation, 


the wave functions exhibit no further change. The set of wave functions is 


then said to be self-consistent. 


Radial distribution curves of a large number of ions and neutral atoms 
derived in this way reveal a characteristic arrangement of electrons in 
concentric shells, the inner electrons generally being close to the nucleus. 
Fig. 5.14 shows the radial distribution curves for the neutral alkali atoms. 


These indicate the probability of finding the 


electron at any given distance 


from the centre. In each of the curves the distribution due to inner elec- 
trons is shown by a shaded area and that due to the valence electron by 
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X Uy Rare ESS 
Fig. 5.14 Radial distribution curves for different quan- 
tum states of neutral alkali atoms 


another curve which extends to the extreme right. Radial distance has 
been reckoned as multiples of the Bohr radius (a), which is the radius 
of the first Bohr circular orbit of hydrogen. It is seen that the major shells 
in each atom lie well inside the radius r = a. The valence electron, more- 
over, lies well inside the corresponding hydrogen state; thus for example, 
the radial distribution for a 5s electron in the hydrogen atom is quite large 
as far out as 50a); whereas in rubiduim the curve (for the 5s electron) 
seems to be pulled in to about one-tenth of this, which is evidently due to 
higher nuclear charge in the latter. Fig. 5.14 further highlights the pene- 
tration of the ‘valence’ s-type electron into. the inner K ,L,M, etc., shells 
as against the concept of hon-penetrating orbits belonging to the earlier 
point of view. The radial distribution curves for the various subshells 
of the rubidium atom are shown in Fig. 5.15, the thick curve in which 
represents the sum of all the curves corresponding to the total of 36 corc 


Atomic Structure and Chemical Bond 109 


D=4 Tr [Ra Rar) 


Fig. 5.15 Radial distribution curves for the different quantum states of the rubi- 
dium atom core of 36 electrons. The thick line represents the sum of all the inner curves. 


electrons. The figure reveals interpenetrating nature of the subshells, 
which implies that every electron contributes something to each shell, 
even though the humps in the ‘sum’ curve have been taken to represent 
the principal shells K,Z,M, and N. 


5.9 Summary 


That part of the Rutherford theory which describes the atom as consisting 
ofa small, heavy, positively charged nucleus with light, negatively charged 
electrons surrounding it, has stood firm ever since it was proposed. How- 
ever, the idea of fixed electronic orbits proposed by Bohr, though useful, 
has had to be abandoned, one reason for which is the impossibility of 
perceiving the electron in any fixed orbit with the use of any tools we have 
available, and the other reason is the discovery of wave nature of electrons 
—the reasons which are embodied in the Heisenberg uncertainty princi- 
ple. In place of a fixed orbit, we now have its wave-mechanical equivalent, 
denoted by the term orbital. The orbital represents a diffuse region around 
_ the nucleus in which the electron can be said to exist and the probability 
of finding the electron per unit volume at any given point in this region 
is proportional to the square of the wave function, b? (or py*), at that 
point. For convenience, orbitals are also represented by pictures of electron 
clouds with cloud density proportional to p2 (or pp*), or by solid figures 
(Fig. 5.11) with probability density contour surfaces, i.e. surfaces at all 
gene on which the probability of finding the electron per unit volume is 
e same. 
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Since no two orbitals in one atom will have the same shape and size 
as well-as the same location in space, the overall picture of a multi-electron 
atom would be more blurred than those in Fig. 5.11, and would also be 
more spherical in shape. Sometimes, however, we would see one or more 
orbitals sticking out further than the rest, as could be guessed from Fig. 
5.14. If such a projecting orbital should have only one electron in it, the 
atom could use it as a ‘hook’ to bind itself to other atoms in forming a 
molecule. This will be discussed in more detail in a later chapter. 

The appearance of a multi-electron atom can thus be visualized as 
follows. It has a small, heavy, positively charged nucleus at the centre, 
which is surrounded by an electron cloud which is made up of orbitals 
having various shapes and sizes and containing one or two electrons each. 
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Problems 


5.1 A good indication of the relative size of any particular orbital is the radius at which the 
distribution function 47r? [Rni(r)]? has its maximum. Compare on this basis the sizes of the 
Is, 2s and 3s orbitals and of 2p and 3p orbitals. : 

5.2 Draw for the ground state of the‘hydrogen atom a contour map of electron density (4°) 
ina planar section showing contours of constant )*, Find the radius of the boundary line (surface) 
enclosing most of the charge (say 90%). 

5.3 What would be the shapes of the charge clouds of an electron in the one-electron atom in 
Fin following states: (a) n= 3, 1= 2, m= 0; (b) n = 3, l= 2, m= + 1 and (c) n= 3, 

=2,m=+42. 


Chapter 6 


Wave-mechanical Picture of 


Chemical Bonding 


6.1 Introduction 


While the basic mechanism underlying electrovalency — namely the 
bonding of oppositely charged atoms, i.e. ions, through the electrostatic 
attraction — was easy to understand, the origin of covalent bonding, 
however, was obscure before the advent of wave mechanics. On the basis 
of classical physics, it is quite impossible to understand why two neutral 
atoms, such as two H atoms, form a molecule, The covalent bond, more- 
over, has the striking feature of showing saturation, which is described by 
the chemist in terms of valence, i.e. an atom joins with only a limited 
number of other atoms. Thus a H atom can bind only one other H atom, 
a carbon atom can bind not more than four H atoms, and so on. This 
feature of saturation is entirely foreign to classical physics. For, even if 
sufficiently strong attractive forces between neutral molecules were 
explicable by classical physics, it would be quite impossible to understand 
why two atoms already bound should not attract a third atom as well. 

A clue to the mystery of homopolar or covalent bond has been provided 
by wave mechanics. Therein lies one of the greatest merits of the new 
mechanics. Not only does wave mechanics explain the attraction between 
neutral atoms but also afford, as we shall see later, a full understanding 
of the saturation properties. ( 

The first application of wave mechanics to valency problems in 1927 
led to the origin of the valence bond method when Heitler and London 
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Fig. 6.1 Model of two identical pendulums tied to a spring-held 
thread fixed to two poles 


demonstrated how the stability of the covalently-bonded hydrogen mole- 
cule could be explained. In this valence-bond (VB) theory, complete atoms 
are brought together and allowed to interact. 


6.2 Interaction of Coupled Identical Systems 


When two atoms are coupled together a certain interaction always exists 
due to electric and magnetic fields, because the atomic systems consist of 
charged elementary particles in motion. Now the problem is to find what 
happens when two identical atoms with equal total energy are coupled 
together, i.e. when their interaction is taken into account. 

In order to get an idea of the effect of the coupling of two identical 
atomic systems as involved in the formation of the homopolar or covalent 
bond, we consider a macromechanical model of two coupled identical 
pendulums. As shown in Fig. 6.1, the two identical pendulums suspended 
from the top bar are coupled by tying them to a spring-held thread fixed 
to the two poles. It is observed that if any one pendulum is set to oscillate, 
its oscillation will gradually die down and stop, while the other pendulum 
begins to oscillate and ultimately reaches (neglecting the frictional dis- 
sipation of energy) the amplitude of oscillation initially given to the first, 
and that this process of transfer of vibrational energy from one pendulum 
to the other repeats itself over and over. The mode of oscillation of each of 
the two pendulums in this coupled state is as shown in Fig. 6.2. (It might be 


Fig. 6.2 Beat vibration as a result of coupling of two identi- 
cal pendulums 
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mentioned, however, that in the uncoupled state each pendulum osciliates 
with a purely sinusoidal motion of constant amplitude.) We thus see that 
as a result of the coupling of the two pendulums of identical frequency, 
beat oscillations appear. Such beat oscillations, however, usually occur 
only when two frequencies, which are slightly dissimilar, are superimposed 
— as for example, when two slightly different tuning forks are simultane- 
ously excited. The beat oscillation of each of the coupled pendulums, as 
shown in Fig. 6.2, is therefore the result of a superimposition of two dif- 
ferent frequencies; and these two new frequencies are evidently produced 
by the splitting of the original frequency as a consequence of the coupling. 
The difference of the two new frequencies into which the frequency of the 
uncoupled pendulum splits because of the coupling is the exchange fre- 
quency of the vibrational amplitude between the pendulums. 

The splitting of the original frequency, as a result of coupling, into two 
new frequencies, one higher and one lower than the original one, follows 
very clearly from the pendulum model described above. The lower and 
higher frequencies correspond, respectively, to symmetric and anti- 
symmetric modes of vibration (Fig. 6.3). In the symmetric mode both the 
pendulums vibrate towards the same side; they therefore help each other 
to swing outwards; the restoring couple is thus decreased, and consequent- 
ly, the resulting frequency must be less than the original frequency of 
the uncoupled pendulum. In the antisymmetric mode the coupled pendu- 
lums vibrate to opposite sides; the pendulums, in this case, pull one an- 
other back, so to speak, augmenting thereby the restoring couple. The 
frequency must therefore be greater than the original one. It might be 
noted that the actual motion of the pendulums, that can be observed, is 
the result of a superimposition of the symmetric and antisymmetric modes 
of vibration. 

From the above discussion we thus find that by coupling two mechanical 
systems which in the uncoupled state have the same frequency, there 
result two new frequencies — one higher (corresponding to the anti- 
symmetric mode) and one lower (corresponding to the symmetric mode) 
than the original one. Since the kinetic energy E, changes proportional to 
the frequency, we see, by transferring the above result to atomic systems, 
that the two equal-energy states of two identical uncoupled atomic systems 
split, on coupling, into a lower and a higher energy state due to inter- 
action, The lower energy state corresponds to the symmetric mode of 
interaction. ‘Thus if we consider two contiguous hydrogen atoms, the 
antisymmetric mode of interaction corresponds to a higher energy and hence 


t 
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$ 2 J l Fig. 6.3 Two modes of vibration of two interacting pendulums 
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no stable molecule can result. On the other hand, the symmetric mode 
leads to a lower energy and hence to stable hydrogen molecule. 

We also get a simple intuitive physical picture of the homopolar or 
covalent bond from the pendulum model. The result of coupling two 
identical pendulums, as we have noted, is the exchange of vibrational 
amplitude between the pendulums. Transferring this result to the case of 
two coupled atoms, we expect an exchange of the amplitude Ņ of the 
vibration, and since the square of ) corresponds to the electron probability 
density, this means an electron exchange among the coupled atoms. In 
the exchange process the electrons spend, on the average, more time in the 
internuclear region than on the outside; the resulting concentration of 
negative charge between the two positive nuclei holds them together. 


6.3 Valence-bond Theory 


We shall now consider the above problem of homopolar bond from the 
point of view of valence-bond (VB) theory. In the VB theory, it is assumed 
that atoms, complete with electrons, come together to form the molecule. 
The theory uses the following two principles: 


(i) If}, and pr are wave functions for two independent systems A and B, 
then we can write the total wave function ()) for the separated systems 
as a simple product ; 

p = pafs (6.1) 
and the total energy E as E = E, + Er. l 
(ii) I£ pao Pa Ps etc., are the acceptable wave functions for the same 
system, then the true wave function ) can be obtained by taking a linear 
combination of all these wave functions, i.e. 


Y = chs + cabs + capa + ---- (6.2) 
where ĉj, C etc., are coefficients which are adjusted to give a state of 
lowest energy. We can interpret the squares of the coefficients as a quali- 


tative measure of the relative contribution of each wave function to the 
true wave function. . 


This theory was first applied by Heitler and London in 1927 to the 
hydrogen molecule. We shall begin with two hydrogen atoms far enough 
apart so that no appreciable interaction can occur. Although the two 
hydrogen atoms are identical, for convenience of treatment we may label 
the electrons as 1 and 2 and the nuclei as A and B; the orbital wave func- 
tions for the separate atoms H,(e,) and H,(¢,) would then be given by 
b,(1) and 5(2), respectively. By using Eq. (6.1) the total orbital wave 
function for the separated atoms can be written as 


p = y,(1)$s(2) (6.3) 


=À 


ne EEEE 
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Fig. 6.4 Curves showing VB potential energy for the 
H, molecule 


Using the wave function of Eq. (6.3) the energy of the system compris- 
ing two identical hydrogen atoms can be calculated as a function of the 
internuclear distance ras. This is shown graphically by the curve N in 
Fig. 6.4. It may be noted that in Fig. 6.4 the total energy of two isolated 
hydrogen atoms at infinite separation has been taken as zero so that the 
energy curve on this plot shows how much the energy of the system of two 
hydrogen atoms is above or below that of two isolated atoms. Consequently, 
the energy value at the point of minimum on an energy curve represents 
the bonding energy at the equilibrium internuclear distance for the mole- 
cule described by the corresponding wave function. It is seen that the 
energy curve N exhibits a minimum, thus indicating that a molecule is 
formed; the bonding energy, however, is far too small — only about 6 
kcal/mole, which is only a small fraction of the observed value, namely, 
109 kcal/mole. 

Evidently, the wave function of Eq. (6.3) cannot be correct. To reveal 
this error we must recall that in forming the wave function of Eq. (6.3) 
we supposed that the two electrons were distinguishable, so that the elec- 
trons, labelled i and 2, could be associated with the nuclei A and B, 
respectively. We know, however, that when the two atoms are very close 
together, so that the atomic orbitals overlap, we can no longer be sure 
that the electron 1 ‘will always be near the nucleus A and the electron 2 
near the nucleus B. We can, in fact, no longer distinguish one electron. 
from the other and hence the system of two H atoms may be represented 
by two different states I and II as 


H, (¢:) Hp (és) H, (ea) Ha (41) 
I i Il j 


In I, we have the nucleus A with the electron 1 and the nucleus B with 
the electron 2, while in state TI, the electrons have been exchanged. Let 


1 
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p; and yn be the wave functions for the states I and II, respectively. 
Following Eq. (6.1) they can be written as 

br = Pa(1)bs(2) 

n = a(2)a(1) ey 16-4) 

The true wave function, Ọ, is likely to be some combination of these 

two wave functions. Following Eq. (6.2) we can write 
= 4; + Coax 

: = ab dbs) + capa (2) ps (1) ($:5) 

In the case of hydrogen molecule, because of symmetry, the two compo- 
nent wave functions }, and ),, must contribute with equal weight. As the 
weight is proportional to the square of the coefficients, we can write 
Cy? =C or C = + Ca» Moreover, since the coefficients are relative 
quantities we can put 4 = 1, and hence c = + 1. 

There are thus two possible wave functions: 

bs = Pa(1)Pn(2) + Ya (2)a(1) (6.6) 

Yo = Ya(1) $a (2) — b,(2)h2(1) (6.7) 

Eq. (6.6) represents symmetric combination since p, remains unchanged 
by exchange of electrons 1 and 2, whereas Eq. (6.7) represents the anti- 
symmetric combination since ), changes sign by exchange of electrons. 
The energy of the system (as a function of internuclear distance) calcu- 
lated by using the wave function ), is shown as curve $ in Fig. 6.4, 
while that calculated by using Ọa is shown as curve A. It is thus evident 
from these energy curves that /, represents a repulsive or nonbonding 
state, but (), represents a bonding state. We thus find that the anti- 
symmetric combination of the two possible wave functions of the system of two 
contiguous FL atoms will always lead to repulsion between the two atoms, so that 
the stable H molecule cannot be formed, while the symmetric combination will 
lead to attraction of the two hydrogen atoms with the formation of a stable H, 
molecule, the equilibrium value for the internuclear distance being given by 1, at 


which the energy is minimum. The value of r, found to be 0:80 A is in rough 


agreement with the experimental value 0-74 A. The bonding energy 
corresponding to this separation is found to be about 72 kcal/mole, which 
is in much better agreement with the experimental value (109 kcal/mole) 
than the energy calculated from Eq. (6.3). Evidently this improvement in 
result has stemmed from the introduction of the concept of electron 
exchange between the two constituent atoms. The additional bonding 
energy which has resulted from this, viz. (72— 6) or 66 kcal/mole, is 
consequently known as the exchange energy. 

It turns out from the above discussion that Ųs and not ), is the orbital 
wave function of the normal hydrogen molecule. It is also referred to as 
a covalent wave function because one electron is considered to be on one 
nucleus and another on the other. 


It may be recalled that the calculated bonding energy (+72 kcal/mole), 


Atomic Structure and Chemical Bond 117 


obtained by using the orbital wave function Ųs, though considerable in 
magnitude, is still far short of the experimental value of about 109 
kcal/mole. The orbital wave function for the hydrogen molecule may, 
however, be further improved — so that a still higher bonding energy for 
the hydrogen molecule is obtained — by modifying the wave functions 
of atomic orbitals of the electrons slightly to allow for the screening of 
nucleus A from nucleus B by the increased probability of the electrons 
being found directly between the nuclei, and also to allow for the fact 
that the atomic orbitals will no longer be spherically symmetrical when 
the atoms are close together. An additional improvement is also obtained 
by allowing for the possibility that both electrons may be simultancously 
near one of the nuclei giving rise to the following two equally likely ionic 
configurations: 


(és) (e2) 

H, (e1) He and H, Hele) 

r_e C, 
III IV 


The wave function for the ionic form of a hydrogen molecule may 
therefore be represented equally well by Ẹp4(1)Ẹ4(2) oF Ys(1) Ps (2)- 
Inclusion of all these modifications leads to a bonding energy of about 95 
kcal/mole. Further refinements can be effected by taking into account 
explicitly the inter-electron distance, and these lead to a bonding energy 
which is only 0-5 kcal/mole less than the experimental value. This 
demonstrates strikingly the validity of the VB approach. 

Taking into consideration the possibility of ionic configurations, the 
combined wave function for the H, molecule can be written as 


Us = [Pal1po(2) + Pa(2)ha(1)] + afpa(L)Pa(2) + Holt) $0(2)] 
or more conveniently as 

Ys = Yeov + a»Vion (6.8) 

When atoms are brought together so that atomic orbitals, each contain- 
ing one electron, overlap, a combined wave function of the form of Eq. 
(6.8) is obtained. This, indeed, is the essential principle of the VB theory, 
and the result is the: pairing of electrons which is equivalent to the forma- 

. tion of a single bond. It might be mefitioned that in more complicated 
molecules multiple bonds may arise from the pairing of four or six electrons; 
in such cases the principle of maximum overlapping is used to decide 
the way in which the electrons are paired. It should be noted that, since 
bonding involves pairing of electrons, atomic orbitals containing two 
electrons will not take part in bond formation since the electrons are 
already paired. 

The coefficient à in Eq. (6.8) is a measure of the degree to which the 
ionic forms contribute to the bonding. Since à can be adjusted so as to 
give the best value of bonding energy, it affords a means of judging the 
extent of the ionic character of the bond. For instance, for H,, à is 0-17 
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and the ionic contribution to the total bonding energy amounts to only 
5-5 kcal/mole. ¢ 

The physical interpretation of Eq. (6.8) is that the molecule is represen- 
ted adequately neither by the pure covalent structure H—H nor by the 
ionic structures H{H; and HH} but that the true state of affairs 
lies somewhere between these two extremes. In such a case it is said that 
there is ‘resonance’ between the various possible structures. As a result of 
resonance the total energy of the system will seek a minimum value lying 
below that for any of the resonating structures. This gives rise to extra 
stability of the actual molecule, measured in terms of the so-called 
resonance energy, which is taken to be equal to the difference in energy 
between the actual molecule and the most stable of the resonating 


structures, This concept of resonance is of fundamental importance in 


VB treatment. 

To consider a more complicated case, the structure of the carbon di- 
oxide molecule is described. The total of 16 valence electrons can be 
arranged as in structures I, II, and III below, in which all three atoms 
still have completed octets, though the oxygen atoms in II and III bear 
formal charges. 


+O::.C:: 0: ZO Tet Or #:0:: C:0- 


I II Ill 


Each of the above three structures makes approximately the same 
contribution and so a suitable combination of all the three is a better 
approximation to the true state than any single formula. The CO, mole- 
cule is, therefore, said to be a resonance hybrid between forms I, II and 
TII. The individual covalent bonds in the molecule owe their stability to 
an effect just like that in the H—H bond and the molecule moreover 
achieves extra stability due to multiplicity of formula and resultant 
resonance. 

Formally, resonance amounts to an effective rearrangement of electrons among 
two or more structures. It should be noted, however, that none of the indi- 
vidual resonance structures has any physical existence as such and the 
importance of resonance lies in its contribution to the structure as a whole. 

The total wave function is the product of the orbital wave function 
and spin wave function. So far we have only dealt with orbital wave 
functions. Now we have to take into consideration the spins of the electrons. 
As already mentioned, only two types of spins are possible; let the corres- 
ponding spin wave functions be denoted by « and 8. Now, for the spin 
wave functions various possibilities arise. Thus, if both the electrons under 
consideration have the same spin « or ®, the combined spin wave function 
may be written as «(1)a(2) or 6(1)6(2). If, however, the spins are diffe- 
rent, both «(1)8(2) and «(2)B(1) are equally acceptable wave functions, 
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since the electrons are indistinguisnable, and the allowcd linear combina- 
tions are then given by 

a(1)B(2) + a(2)8(1) (6.9) 

a(1)B(2) — «(2)8(1) (6.10) 

The spin wave functions may now be combined with the orbitai wave 
functions to obtain total wave functions. But some combinations are 
forbidden by the Pauli exclusion principle, which, in a more general 
form, implies that in any atomic or molecular system the total wave func- 
tion must be antisymmetric with respect to exchange of electrons. Therefore, 
if the orbital wave function is symmetric, the spin wave function must be 
antisymmetric, and vice versa. We have already noted that the symmetric 
and antisymmetric forms of the orbital wave function are given by Eqs. 
(6.6) and (6.7); it may now be noted that of the four possible spin wave 
functions, given above, all except that given by Eq. (6.10) are symmetrical 
with respect to exchange of electrons. The allowed combinations of orbital 
and spin wave functions are therefore restricted to the following: 


Yo[a(1)6(2) — @(2)(0)] 6.1!) 
ala(1)2(2)] y 
Yel6(1)8(2)] (6.12) 
Gala(1)8(2)-+#(2)B(1)] 


The wave function Ọa, defined by Eq. (6.7), as already mentioned, 
leads to a higher energy than that associated with Ys of Eq. (6.6); so Ọs 
describes the ground state (the state of lowest energy) and Ẹa the excited 
state of the molecule. Now we see, considering Eqs. (6.11) and (6.12), 
that the ground state wave function can have only one spin wave function, 
whereas the excited state wave function has three spin wave functions. 
Since, the multiplicity of a state is, in general, equal to the number of 
spin wave functions associated with the state, we can thus say that the 
ground state of the molecule is singlet and the excited state is a triplet. 

Moreover, it is apparent from Eq. (6.11), which represents the total 
wave function for the molecule in the ground state, that two hydrogen 
atoms can combine to form a molecule only when the two electrons have 
antiparallel, i.e. oppositely directed, spins. 

Finally, we may now summarize the important results of the VB 
theory and discuss their significance. The VB theory considers the involve- 
ment of electrons in terms of atomic orbitals. The covalent bond is formed 
by pairing and resultant neutralization of opposite electron spins, as has 
been discussed above for the H—H bond. For an atom to form covalent 
bonds it must possess one or more electrons which can pair with those of 
another atom by cancelling their spins. The number of unpaired electrons 
possessed by the atom thus determines the valency. Electrons already 
paired, cannot obviously participate in bond formation as such. They 
can, however, do so if they can be unpaired with only small expenditure 
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of energy. And, in a general way, this is possible if the unpairing of the 
paired electrons involves no change in the principal quantum number 
(n). Nitrogen, for example, with an outer electronic configuration of 
25°2p',2p',2p1, shares its three unpaired 2p electrons with fluorine to form 
nitrogen fluoride (NF;) but is unable to form a pentafluoride, since 
n = 2 level does not contain any other orbital to accommodate one of the 
unpaired 2s electrons. In contrast to this, phosphorus having the con- 
figuration 357361,3p1,3p1, can form a pentafluoride because 3d orbitals 
are available. 

The VB theory, however, is inadequate in many cases. It assumes that 
the two electrons of the shared pair constituting the internuclear bond 
must come from two different atoms. The formation of coordinate valency, 
therefore, remains unexplained on this basis. Moreover, according to this 
theory the atoms in the oxygen molecule should have close electronic 
shells resembling that of neon, which would make the molecule diamagne- 
tic. Normally, however, oxygen exhibits strong paramagnetic moment 
indicating the presence of unpaired electrons. 


6.4 Molecular Orbital Theory 


The molecular orbital (MO) approach is quite different from the VB 
approach. In the VB approach, as discussed above, complete atoms are 
brought together and allowed to interact so that the resulting molecule 
consists of atoms which, although interacting, retain a large measure of 
their individual character. In the MO approach, on the other hand, 
orbitals are devised for the molecule as a whole, i.e. involving the nuclei 
of all the constituent atoms separated by fixed equilibrium distances (the 
molecular orbitals are thus polycentric), and then it is imagined that 
electrons are fed into these molecular orbitals one at a time such that each 
entering electron secures the lowest possible quantum state and also obeys 
the Pauli exclusion principle (i.e. each orbital may contain no more than 
two electrons, the spins of which must be opposed or antiparallel). So in 
the same fashion as series of closed electronic groups are built up in the 
extranuclear structures of isolated atoms by the ‘aufbau’ process, closed 
electronic groups are built up surrounding the nuclei of the composite 

` molecule by electron-filling of the molecular orbitals. The basic principles 
of the MO treatment are thus largely the same as those relevant to atoms; 
and this accounts for the relative simplicity of the MO theory. 

Let us now treat a diatomic molecule by the MO method. The first 
problem is to fashion a plausible molecular orbital for the two electrons. 
When an electron is closer to one nucleus (say A) than to the other (say B) 
the forces acting on this electron will be much the same as those in the 
isolated atom A; so we may reason that the molecular orbital in the region 
of nucleus A must resemble the atomic orbital (AO) of the isolated atom 
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“Af z z =~ Fig. 6.5 Relative energy levels of atomic and molecular 
` s orbitals in a homonuclear diatomic molecule (atoms A and 
% B identical) 


A. Similar considerations will also apply to the nucleus B. So, we are 
justified in assuming that a reasonable approximation to a molecular 
crbital will be a linear combination of the two atomic orbitals (LOAO). Thus 
the wave function for the single electron moving in the field of the two 
nuclei A and B can be written as 

Y = cana + cs (6.13) 
where p, and Ọs are atomic orbitals, and ca and cs are coefficients chosen 
to give lowest energy value for the molecular orbital. Eq. (6.13) is 
applicable to diatomic molecules generally and it illustrates the common 
technique of obtaining MOs, namely, that of LCAO. 

In the case of homonuclear diatomic molecule (i.e. atoms A and B 
identical), equal weights must be given to YJ, and Ys on symmetry 
grounds so that ca? = Cs? OF Ca = + cs. Moreover, since, the coefficients 
are relative quantities we can also put ca = 1, and hence îs = +1. We 
can thus have two molecular orbitals from the atomic orbitals. We write 
them as 

ps = Pa + be (6.14) 

Pa = pa — Ps (6.15) 

One of these molecular orbitals Y, has a lower energy (Fig. 6.5) than 
that of the atomic orbitals from which it is formed; it thus leads to the 
formation of a stable molecule and is therefore termed a bonding MO. 
The other MO, namely qq, has an energy higher than that of the atomic 
orbitals and is therefore referred to as antibonding MO. 

Considering first the case of the hydrogen molecule, there is little doubt 
that for the ground state of the hydrogen molecule the appropriate atomic 
orbitals to be employed for formulating MOs are the 1s ones. The bonding 
and antibonding MO’s are then 

bo = H,(1s) + Ha(1s) (6.16) 

pa = H,(1s) — Ha(1s) (6.17) 

Pictorial representations of these MOs are shown in the first two rows 
of Fig. 6.6. Evidently, the positive sign in Eq. (6.16) leads to a build-up 
of electron density in the region between the nuclei, whereas the negative 
sign of Eq. (6.17) leads to a depletion of electron density in this region. 
This fact is more clearly evident from Fig. 6.7 depicting contours of 
constant electron probability density for the bonding and antibonding 
states of H,. A build-up of electronic charge between the nuclei is thus 
characteristic of the bonding or attractive state, and a depletion of charge 
between the nuclei, as a result of which there is no shielding between the 
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Fig. 6.6 Schematic illustration of the formation of molecular orbitals by combination of 
atomic orbitals. The positive and negative signs in the diagram give the sign of the wave function 
and the broken lines show the nodal planes. Ifthe regions of the orbitals marked + overlap, 
the corresponding atomic orbitals are added; if the region + of one orbital overlaps with a 
region — of the other, the orbitals are subtracted from one another. The subscripts g and u 
are used to indicate respectively the symmetry and antisymmetry of the molecular orbital, while 
* denotes that the orbital is of the antibonding type. 
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Fig. 6.7 Contours of constant electron probability den- ©) 
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positively charged nuclei, is characteristic of antibonding or repulsive 
state. The same observations also apply to the formation of MOs from 
other more complicated atomic orbitals as shown in Fig. 6.6. 

The subscripts g and u refer to the symmetry of molecular orbitals. 
The subscript g means that the orbital does not change sign on inversion 
through the centre of symmetry at the midpoint between the two nuclei, 
whereas the subscript u means that it does change sign under such 
operation. 


While in the foregoing we have classified molecular orbitals in terms of 


2pal=2p on) 


COA PENA 

VE Miley -Ylny) R AVER TAN Sea i ae Oro 2pTg( =2pT!) 
OO. Oo OS 
Py 2py avy AN i 


Atomic Structure and Chemical Bond 123 


ponding and antibonding orbitals it is now ne-cssary to classify them in 
terms of their symmetry about the internuclear axis. It is seen from Fig. 
6.6 that the two molecular orbitals resulting from the combination of two 
atomic s orbitals are symmetrical about the internuclear axis; so also are 
the two molecular orbitals arising from the combination of two atomic 
px orbitals. All of them are called sigma orbitals, or o orbitals using the 
greek letter o for short. On ihe other hand, the two molecular orbitals 
arising from the combination of the two atomic py orbitals as also the two 
molecular orbitals arising from the combination of two atomic p, orbitals 
are all unsymmetrical about the internuclear axis, and are called pi 
orbitals, designated as ™ orbitals. 

Wave functions which describe more than one orbital are called ‘degene- 
rate’; thus pr orbitals are doubly degenerate, since two orbitals of equal 
energy exist (pyt = pz); the antibonding px* orbitals are also doubly 
degenerate (pyn* = pzn*)- 

Before going to discuss electron arrangements in molecules, we must 
arrange the molecular orbitals in the order of their energies. These energies 
have been determined from spectroscopic measurements and show the 
following sequence when placed in increasing order of magnitude: 

Isa < lso* < 250 < 2so* < 2pxo < 2pyn=2p,T < 2pyr* =2þp:7* <2p,0* 

A similar arrangement possibly exists for the 350 to 3po* molecular 
orbitals. 

An alternative form of terminology has been suggested by Mulliken 
for the orbitals 2se to 2po*, as follows: 

zo < yo Kao we < oT < uo 

One should be familiar with both the notations. As is obvious, Zo 
corresponds to 2sc, and similarly yo = 250*, %0 = Dp.o, WT = pyt = 
2pm, on = 2pyr* = 2pT*, uo = 2px5*. -> 

The above notation of Mulliken can also be used for l-quantum (K 
shell) and 3-quantum (M shell) molecular orbitals by writing, for K shell, 
(K)ze and (K)yo, and for M shell, (M)zo, (M)ye, (M)as, +++: etc. 


Summary of the fundamental ideas of the molecular orbital 
theory. (1) All the atomic orbitals in the valence shells of the interacting 
atoms are combined in pairs. : 

(2) Each pair consists of one atomic orbital from each of the interact- 
ing atoms. The atomic orbitals may be originally occupied by electrons 
or not. f 
(3) For the combination of each pair of atomic orbitals to occur the 
following conditions must be satisfied: | 

(a) The combining orbitals must be associated with approximately 
same energy. 

(b) The combining orbitals must be capable of overlapping. 

(c) The combining orbitals must have the same symmetry. 
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\4) The number of molecular orbitals produced is equal to the number 
of combining atomic orbitals. Half of the molecular orbitals so produced 
are bonding, and half antibonding. 

(5) The molecular orbitals are arranged in ascending order of energy 
and all the electrons originally occupying the valence shells are redistri- 
buted into these orbitals on the ‘aufbau’ (i.e. building-up) principle and 
obeying Pauli’s exclusion principle, which limits the maximum number 
of electrons in each orbital to two. 

(6) If the number of electrons in the system is less than the number 
required to completely fill the molecular orbitals, the bonding orbitals 
outnumber the antibonding orbitals, producing the overall effect of 
bonding. 


6.5 Comparison of VB and MO Methods 


The VB and MO methods described above are the two basic approaches 
to the quantum theory of molecules. Let us now see how they compare 
with each other. 

As we saw earlier, the VB method starts with individual atoms and 
considers the interaction between them. Consider two atoms A and B 
with two electrons 1 and 2. The orbital wave functions for the separate 
atoms are ),(1) and (2) respectively, and the total orbital wave func- 
tion, following Eq. (6.1), is p, = ,(1) Yp(2). But since the electrons 
are indistinguishable, the wave function ), = ),(2)t)s(1) is also equally 


possible. Then the VB wave function is 


fue = c [Pa(1)a(2) + b4(2)$0(1)] 

The MO treatment of the molecule starts with the nuclei of the consti- 
tuent atoms. For a diatomic molecule with the nuclei A and B, the wave 
function for a single electron moving in the field of two nuclei can be 
written as an LCAO, p, = cab, (1) + ¢eths(1). Similarly, for the second 
electron, D, = ¢,),(2) + ce3(2). The combined wave function is the 
product of these two, or 


Puo EF capa (1)pa(2) af os*Va(1) ),(2) pp 
Catal Pa(1)Yx(2) + Pa(2))a(1)] 

The terms ),(1)s(2) and t),(2)t)(1), like those in the expression for 
Pus, correspond to structures in which one electron is near one nucleus 
and and other is near the other. However, the two additional terms 
Y,(1)h,(2) and Ya(1)5(2) correspond to structures in which both elec- 
trons 1 and 2 are near the same nucleus; that is, in the molecule AB they 
correspond to the ionic structures A+B- and A-Bt. We see, by compar- 
ing the expressions for Pys and uo, that the wave function given by the 
simple valence bond theory differs from that given by the simple mole- 

| cular orbital theory by lack of ionic terms. Actually, for most molecules, 
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the simple MO theory considerably overestimates the ionic term, whereas 
the simple VB theory considerably underestimates these terms by 
neglecting them altogether. It is thus necessary to add further terms to 
the expressions for the wave functions to improve them. For instance, 
ionic terms can be added to the VB function as in Eq. (6.8). 


6.6 Electronic Configurations of Molecules in Terms of the 
MO Concept 


The homonuclear diatomic molecules contain two identical nuclei, as in 
H, Li» N, or Op. The MO aufbau process used to derive electronic 
configurations of moleċules is quite analogous to the aufbau process used 
for atoms. It is, however, necessary to first ascertain, according to the 
principles stated above, which AOs may be combined to form MOs. 

(a) H; 

H(1s) + H(1s) —> H;[(1s0)?] 

The hydrogen molecule thus contains two bonding electrons in the 
bonding molecular orbital of lowest energy, viz. lso. 

(4) He, 

He( 1s?) + He(1s2) ——> Hes [(1s0)?(1s0*)?] 

Here the bonding power of (Isc)? would be more than cancelled out 
by the antibonding (lso*)®, and so the molecule does not exist. 

(c) Li, 

QLi(1s*2s) —> LiL KK (2s0)*] “ 

Here, as well as in the subsequent examples, the Ks which appear 
inside the brackets mean merely that the K shells are present, but they 
are essentially atomic in character and take virtually no part in the 
bonding. The bonding between ‘the two lithium atoms stems from the 
pairing of the 2s electrons in the bonding 2so orbital. 

The diatomic molecules of other alkali metals also have similar type of 
configurations, e.g. 

2Na (15225226635!) —-> Na,[KKLL(3sc)*] T 

ae diatomic molecules have been detected in the vapour state. 

N, 

2N (152252243) —> Na[KK (2s0)?(2s0*)?(2px0)?(2pyr = 2p-7)*) 
or alternatively, N,[KK(zo)2(.yo)2(x0)?(w7)4] , 

The E AA Te A bee yeni cancelled out by the anti- 
bonding (y0)?. The remaining orbitals, viz. (xo)* and (wr), both being 
of bonding type, provide molecular bonding. These six electrons produce 
a o triple bond — one bond being of « and the other two of x type. 

e) O, 4 

20 (1s82st2p8) > O [KK (z0)?( 30)*(x0)*(w7) (07) 
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It is seen that the oxygen molecule contains two electrons more than 
the nitrogen molecule. These additional electrons now enter the anti- 
bonding vz orbitals. Consequently, the triple bond due to (xc)? and 


(wz)4 is reduced to a double bond. It may be mentioned here. that, 


the molecular orbital concept affords an explanation of the well known 
paramagnetism of the O, molecule, as follows: According to Hund’s rule 
when a set of orbitals is being filled with electrons, the electrons distribute 


themselves so as to retain parallel spins as far as possible. (Thus, for — 
example, the 2p electrons in carbon will be arranged as 2p1,2p1, since’ 


2p*, with both electrons having parallel spins would mean violation of 
Pauli’s principle.) Now, since there are two vm antibonding molecular 
orbitals, by the aforesaid rule one electron will enter each of these, giving 
a paramagnetic molecule with two unpaired electrons. Fig. 6.8 assists 
in visualizing how the molecular orbitals are derived from the atomic 
orbitals of the individual oxygen atoms. 

(f) F> 

2F (1522s?2p°) ——> F[KK (z0)?( yo)?(xo)è(wr)t (vr)4] 

The bonding and antibonding, (zc)? and (yo)? cancel out one another, 
and the same applies to (wz)* and (wx)4. Consequently, effective bonding 
is provided by (xo)? alone, and these two electrons produce a single 
¥--F bond. 


Structures similar to the above are possessed by Cl, and Br,, with Cl, 


ENERGY ———>— 
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Fig. 6.8 The formation of the molecular orbitals for O, 
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having its inner Ķ and L shells and Br, its inner K, Z and M shells full. 

(g) Nes 

INe(1522s22p%) —> Ne[KK(zo)*(ys)*(xo)*(wx)4(v7) *(uo)*] 

It is seen that the number of bonding electrons and that of antibonding 
electrons are equal. Ne, molecule, therefore, does not exist. 


Heteronuclear diatomic molecules. In describing electronic con- 
figurations of simple heteronuclear diatomic molecules—that is, molecules 
in which the two constituent atoms are not identical—the same general 
principles that underline the above treatment of homonuclear molecules 
may be used. However, whereas in the homonuclear case the atomic 
orbitals combining together are of the same type (i.e. ls with 1s, 2s with 
2s etc.), care must be taken in dealing with hetero-atoms to select atomic 
orbitals that can combine effectively. Guidelines in this regard emerging 
from the quantum theory are that for effective combination, the atomic 
orbitals mist have (2) similar energies, (iz) the same symmetry properties 
with respect to the internuclear axis, and (tii) sufficiently over-lapping 
charge clouds. 

(a) HF 

H(1s) + F(1s*2s#2p8) —-> HE[K (2s)*(x0)*(2py)*(2h2)"] 

It is known from spectroscopic observations that the energies of the 
1s? and 252 electrons in fluorine are too low to combine with 1s electron 
of hydrogen. They therefore remain essentially in atomic orbitals. 

The 2p electrons are the only ones of suitable energy for combination 
with 1s of H. Moreover, if we take H—F axis as the x-axis it caa be shown 
that the 2p, orbital permits a much greater overlap with the hydrogen 
1s orbital for a given internuclear distance than does the 2, orbital, as 
shown in Figs. 6.9(a) and 6.9(b) respectively. Furthermore, whereas in 
Fig. 6.9 (a) the overlapping orbitals are of the same sign and hence give 
bonding molecular orbital, in Fig. 6.9(6) the H(1s) orbital is overlapped 
by oppositely charged lobes of the p orbital, so that the bonding and 
antibonding effects cancel out one another. Thus, it is practically the 
H(ls) and F(2p,) electrons alone that contribute to the formation of the 


Fig. 6.9 (a) Combination of the hydrogen 1s orbital with 
the fluorine 2p, orbital. (b) Combination of the hydrogen 
ls orbitar with fluorine 2py orbital. 
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bonding orbital (namely, xc), whereas the rest of the fluorine electrons 
remain essentially unaffected. HF has thus a single bond. 

The remaining hydrogen halides have similar single-bonded structures; 
the atomic orbitals of chlorine, bromine and iodine, involved in bonding 
orbital formation are, respectively, 3p. 4p, and 5px. 

(b) CO 

C(1s?2s?2p2) + O(15°2s*2p4) —> CO[KK(zc)*( yo)*(xo) *(w7) 4] 

It is seen that this configuration is the same as that of the nitrogen 
molecule discussed earlier, and consequently, a triple bond between carbon 
and oxygen atoms is implied. 

(c) NO 

N(152522p8) + O(1s?2s*2p4) ——> NO[KK (z0)?( ‘yo)*(xa)*(w7)4(o7)] 

The nitric oxide molecule has one electron more than the nitrogen 
molecule. This single electron gives rise to paramagnetism in NO. More- 
over, since the electron enters the antibonding vm orbital. the bonding 
in NO is weaker than in the nitrogen molecule. 


6.7 Directed Bonds 


As has been mentioned earlier, the strength or energy of a covalent bond 
stems from the energy of resonance or exchange of electrons between 
two atoms. It has been shown by Pauling that the magnitude of the 
resonance and hence the strength of a covalent bond is approximately 
proportional to the amount of overlap of the wave functions or atomic 
orbitals of the two electrons constituting the bond. The strongest covalent 
bonds will, therefore, result where the maximum overlapping of the 
atomic orbitals occurs, that is, where there is maximum inter-penetration 
of charge densities of the electrons involved in bond formation. Accord- 
ingly, the bond formed by a given orbital will tend to lie in the direction 
in which that orbital has its maximum value. Furthermore, bonds will 
be stable when formed with the use of stable atomic orbitals corresponding 
to the normal or ground state of the atom. 

We have seen that the distributions of charge densities of electrons are 
geometrical in character. Thus, s orbitals are spherically symmetrical, 
whereas the three p orbitals lie on three mutually perpendicular axes, 
with the nucleus at the centre. Being spherically symmetrical, s orbitals 
overlap to the same extent in all directions, whereas in the case of a p 
orbital the electron density is greatest along an axis, and so it overlaps to 
the maximum extent if the bond is formed in this direction, It follows, 
therefore, that p orbitals should overlap more effectively for a given 
internuclear distance than should s orbitals belonging to the same principal 
quantum number. If the radius of a spherical contour surface representing 
the maximum value of the s orbital is r, then the length of a p orbital from 
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nucleus to the boundary along the axis can be calculated, from Table 5.2, 
to be y/3r. The relative magnitudes or strength of the p and s orbitals 
should be approximately in the ratio of 4/3 : 1. If, starting from the 
condition. of maximum overlapping, we take the bond strength as being 
proportional to the product of the magnitudes of the bond orbitals of the 
two atoms forming the bond, then the strength of an s-p bond (i.e. bond 
formed by the overlap of s and p orbitals) should be 4/3 times that of an 
s-s. bond. Similarly a p-p bond should be 4/3 times stronger than an 
s-p bond and 3 times stronger than an s-s bond. 

The aforesaid ideas enable us to deduce the structure and bond angles 
for many molecules. The oxygen atom, for instance, has the electronic 
configuration 15%2s?2p%,2p2p*,, which shows that there are two unpaired 
electrons in orbitals which are at right angles to one another. When 
combination with hydrogen occurs these unpaired electrons in py and pz 
orbitals pair up with 1s electrons of hydrogen atoms, and since py and p, are 
at right angles to each other, the resulting structure (Fig. 6.10) should have 
two O—H bonds at 90° to each other. In practice, we find that the H-O—H 
angle is not the predicted 90° but 105°. This increase has been attributed 
to mutual repulsion between the H atoms since the bonds are not ideally 
covalent but possess: a partial ionic character, making the hydrogen 
atoms somewhat positive. The related molecules H,S and H,Se, however, 
are found to haye bond angles much closer to the predicted 90°, namely, 
93° and 91° respectively. This may be attributed to the decrease in the 
mutual repulsion of the H atoms on account of greater bond lengths and 
reduced ionic character of the H atoms. 

With the nitrogen atom (1s?2s%2p',2p42p"2), there are three unpaired 
2p electrons so that by analogy we would expect three mutually perpen- 
dicular bonds in NH, [Fig. 6.10(6)]. The related molecules, PH, AsH, 


Fig. 6.10 (a) The formation of water molecule, The lone pair 
2bx orbital is shown shaded. The singly-occupied 2py and 2pz 
orbitals overlap with the hydrogen 1s orbitals. (b) The formation 
of ammonia molecule. The singly-occupied 2px, 2py and 2pz 
orbitals overlap with the hydrogen 1s orbitals. 
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and SbH,, should also have similar structure. The observed values of 
bond angles are 108° for NH,, 93° for PH, 92° for AsH,, and 91° for 
SbH,. Here again, as the repulsions between the hydrogen atoms diminish, 
the bond angle approaches 90°. 


6.8 Hybrid Orbitals 


Carbon in its normal state (15°2s22p1,2p1y) has two unpaired 2p electrons 
and hence might be expected to form only two bonds at right angles to 
each other. But we know the carbon atom to be usually quadrivalent; 
to achieve which one of the electrons from the 2s orbital must be pro- 
moted to the p level, thus giving the configuration 15?2512p1,2p1,2p1,. 
According to the preceding discussion on directional bond formation, 
this configuration would then be expected to form three bonds at right 
angles to one another and a fourth weaker bond with its s orbital in any 
direction (since s orbital is spherically symmetrical). But such spatial 
form is at sharp variance with the observed fact that the four bonds of 
carbon are equivalent and directed to the four corners of a regular 
tetrahedron in saturated compounds. It follows, therefore, that the 
valence state of the carbon atom is one in which its four valence electrons 
are in four equivalent orbitals whose lobes are directed towards the 
corners of a regular tetrahedron. These four equivalent directed. orbitals 
constitute a set of hybrid orbitals and are commonly referred to as sp? 
hybrids to indicate that they are formed by the combination or mixing 
of one s and three orbitals. The general phenomenon of such combina- 
tion or mixing of pure orbitals is termed hybridization and the resulting 
mixed orbitals are called hybrid orbitals or simply hybrids. 

Supposing that the quadrivalent carbon is represented by the elec- 
tronic state 152s12p1,2p1,2p1,, we can write the four valence orbitals of 
carbon as ‘)(2s), )(2p,), Y(2by), Y(2p2). These are to be combined in 
suitable proportions to produce a set of four new orbitals py, Pa Va, Ps 
which will be equivalent and directed towards the corners of a tetrahedron. 
A set of such tetrahedrally oriented orbitals, called sp? hybrids, is the 
following: 

Pı = $ [h (2s) + P(2px) + P2H) + (222) 
Ya = F [(25) + P2 — V2) — Y(2P.)] 
bs = [h(2s) — P (22:) + P22) — P222) 

a= E [Y(25) — 9p.) — $2) + Ya] 

The factor of 1/2 is determined from the normalization condition 
and the condition that the bonding power of the hybrid orbitals should 
be a maximum (see Appendix 3). It can be shown by substituting (from 
Table 5.2) the expressions for the angular parts of the s and p wave 
functions into the above set of equations, that the four hybrid wave 


(6.18) 
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functions )1,Y2'Ps;f_ all have the same spatial form, and that the angles 
between the directions of the maximum magnitude of these wave func- 
tions are each 109°28’, which is just the tetrahedral angle, i.e. the angle 
formed by lines from the centre of a regular tetrahedron to any two of its 
vertices. 


sp Hybrids. We now proceed to a systematic consideration of 
hybridization, beginning with the simplest common type, namely, the 
sp hybridization. 

It has been deduced from wave-mechanical treatment that a linear 
combination of s and p wave functions (or orbitals) in suitable proportions 
results in strong hybrid sp wave function or bond orbital, which as. 
considerably stronger than both s and orbitals. 

Consider, for example, the formation of hybrid wave functions from 
s and p; wave functions. The two new hybrid wave functions are, in 
general, á 

1= 4% Ọ(s) +b Y ($2) (6.19) 

Yo = a Y(s) + ba Plh) (6.20) 
where a, 53, 4, and b; are coefficients determined by (?) the normalization 
condition for the wave functions (), and Pa i.e. f Ys? do=1 and f t),?do 
= 1, (ii) the orthogonality condition f Yi). do = 0, and (ii) the 
equivalence condition for the wave functions ), and Yo. 

From the sphericity of the s wave function and the equivalence condition 
it follows that (p(s) contributes with equal weight to the new wave func- 
tions. The weight is proportional to the square of the coefficients. Therefore, 

a? = a2 = 1/2 and q = a= 1IV2 (6.21) 
From Eq. (6.19) we get, 

Tat do = a JQ%(s)do + aad, Js) PAd + bs? Sado (62) 

Applying the normalization condition to 9; and the normalization 
and orthogonality conditions to Ņ(s) and (pz) we get from Eq. (6.22), 


1 
at + bt = 1, so bb =e (6.23) 
Again applying the orthogonality condition to the hybrid wave func- 
tions ), and Ẹ we have from Eqs. (6.19) and (6.20), 
b i 
[4 ado = mat bibs = 5+ y= ° 
So, ba =—1/V2 (6.24) 
Substituting into Eqs. (6.19) and (6.20) the values of the coefficients 


from Eqs. (6.21), (6.23) and (6.24) we obtain the following equations 
for pı and þa: 


= Se WO + PCl (628) 
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1 ; $ 
$= Va LY (s) — ¥(e2)] (6.20) 


To learn more about these hybrid orbitals, let us introduce into their 
equations approximate expressions for the wave functions )(s) and )(p,). 
The radial parts of the s and p wave functions do not greatly differ from 
each other. Following Pauling, we therefore neglect the difference 
between the radial parts and pay attention to the angular parts as given 
in Table 5.2, because they determine the shape of the orbitals, Writing 
in place of ¢ (s) and (—)(p,) the expressions from Table 5.2, we obtain the 
following a aNu for the sp hybrid wave functions: 


v= WR 
f= 5 TE (L— V3 cos6) (6.28) 


(L + V3 cos8) (6.27) 


In Fig, 6.11 are depicted the sp functions ), and , which are seen to 

be equivalent but pointing in the Opposite direction: one in the direction 

.of the positive z-axis, the other in the direction of the negative z-axis, 
the valence angle being thus 180°. 

We can state here the general rules pertaining to hybridization: (7) the 

number of hybrid orbitals is the same as the number of atomic orbitals 

used in their construction, and (7i) hybrid orbitals of one kind are equiva- 


(a) (b) 


1 1 
h= Fes) +H(h2)] | \2 q Y= g7 tOta] 
Z 
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E 
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(c} 


Fig. 6.11 Polar representation of sp hybrid orbitals. The two hybrid 
orbitals are pointing in positive (a) and negative (b) directions of z-axis. 
(c) Geometrical representation of the formation of sp hybrid orbitals from 
s and p orbitals. 
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lent, differing from one another, by and large, only in their direction 
in space. ; 
The sp hybrid orbital is stronger than pure s and p atomic orbitals 
from which it originates. Thus taking the strength of the s bond as unity, 
the bond strength connected with ‘the sp hybrid orbital will be 1.932: 


(Gaa Oa ewe 
Aa Ole Nee 


sp? hybrids. Suppose the initial functions involved in sp? hybridization 
are one s, one py and one py. The three new wave functions formed ‘by 
“their combination are, in general: \ 


Pa = ayh(s) + by P (Px) + e (hy) (6.29) 
Pa = aŅ (s) + bo (Pe) + ta P (by) (6.30) 
Ys = az} (s) + ba (ps) +3 (py) (6.31) 


Since )(s) has spherical symmetry and the three new functions are 
equivalent it follows that a? = 1/3, a = 4 = 4 = 4 = 1/3. 

Out of the three new functions let ), have a maximum in the direction 
of the x-axis; then the function) (p,) will play hardly any part in it, so 
that we can put &? = 0 or ¢, = 0. 

So Eq. (6.29) becomes 

Pı = a(s) + bi (bx) (6.32) 

Applying normalization and orthogonality conditions we get from 
Eq. (6.32), a2 + b2 = 1 or b, = V2/3- | 

Similarly from Eqs. (6.29) and (6.30) we obtain aya, + byby + cyl, = 0 
and $ + ba V23 + 0 = 0. So, bs =— 1/V6. 

The normalization condition applied to J, gives a + b + co? = 1. 
So, c = 1/V2. 

From the orthogonality condition f },Ẹadv = 0 we obtain 

ayaa + biba + cica = 0. So, bs =— 1/V6. 

Similarly, f Papado = aas + babs + Cass = 0. So, Cs = — 1/v2. 

Introducing the values found for the coefficients into Eqs. (6.29)-(6.31) 
we obtain the equations for the three equivalent sp? orbitals as: 


t= Je 90 + Vi 
2 ER REG: 6.33 
RY, aa | (be) + Fy VO) ( ) 
Gi 1 ‘de 
Ys SOF 4 Y(s) ay Y (px) — Vi 1629) 


We-caù now substitute for the s-, p- wave functions in Eq. (6.33) the 
corresponding expressions for the angular part from Table 5.2. If, 
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Fig. 6.12 Polar representation of sp* hybrid orbitals: (a) p1, (b) Pa, and 
(c) Ya. (d) Geometrical representation of the formation of sp? hybrid orbitals 
from one s and two p orbitals. 


however, we want to draw polar diagrams of the hybrid orbitals on 
xy-plane for which 0 = 90°, the expressions for the three sp? hybrid 
orbitals are: 


easel at vice] 
h-rlar ag ee + Viie] (6.34) 


NAL 1 l V3 i | 

Ys WWalvs ve cos © 5 sin 

The polar representation of the sp? hybrid, functions ,, Y and ps on 
the xy-plane, is shown in Fig. 6.12. The maximum value of q), lies on 
the x-axis, while (), has its maximum value in the direction for which 
= 120°. The three sp? hybrid orbitals thus, lie in the plane of the p 
orbitals and are oriented at 120° with respect to each other. 

The bond strength connected with the sp? hybrid orbitals, taking the 
strength of the s-bond as unity, is 


(,)max = (Pa)max = (Ps)max = z 4+ V2 = 1991 


So the strength of the sp? hybrid orbitals exceeds net only the strength 
of the pure s- and f- orbitals but also that of the sp hybrid orbitals. 


sp? Hybrids. One s and three p orbitals will lead to a set of four s? 
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hybrid orbitals. The four hybrid functions will be of the type 

pi = aple) + bits) + co (Os) + de lp) (where i=1,2,3,4) (635) 

From the sphericity of the s-state and the equivalence condition 
a? = 1/4. So, a = l = 43 = l = 4 = 1/2. 

From normalization conditions we get four relations of the type 

af +b ta tH d= l i 


or b2-+ a + dè = 3/4 (6.36) 
The orthogonality conditions give six relations of the type 
4 + bibk + cick + didy = 0 (6.37) 


where: i = 12,3Ainkn a a ane ik. 

Let the function ), have a maximum in the direction of the z-axis. 
Consequently, the functions p, and py hardly participate in the formation 
of this function. Therefore, b, = 4 = 0. Putting i = 1, we get from Eq. 
(6.36) d, = 73/2. When i=1 and k=2, Eq. (6.37) yields da= — 1/2V3. 
Putting i =-2, we get from Eq. (6.36) 

b? + c = 2/3 (6.38) 

Assuming that the direction of the maximum value of tf, lies in the 
xz-plane, so that the function p, hardly participates in it, c, = 0, and, 
consequently, from Eq. (6.38) 

ba = V213 
Proceeding in this way we can evaluate the other coefficients. 

Introducing the values found for the coefficients into Eqs. (6.35), we 
obtain the following expressions for the four sp? functions: 

1 
= z Y(s) + ue) (pz) 


ml Vagi yo 
a = 2 Y(s) + V3 Y (ps) I3 v(p,) 1646) 


1 1 1 ONP 
Yit O me Ped + Te Y (bs) — 75 (fe) 
1 1 1 2 
= 5 t0- Ze Wd — 7g PM) 78 Y (2) 


This set of equations is mathematically equivalent to the set in Eq. 
(6.18). Both sets represent four equivalent sp® hybrid orbitals. The only 
difference is that the two sets are oriented differently with respect to the 
chosen. set of coordinate axes (see Appendix 3). Since the orientation of 
our set of coordinate axes in space is arbitrary, it follows that there will 
be an infinitely large number of different but mathematically equivalent 
ways in which the hybrid wave functions can be expressed. 

Writing in place of wave functions, Y (bx) and (pz), in Eqs. (6.39) the 
expressions for the corresponding angular wave functions from Table 5.2, 
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we can anlyse the positions of the maxima, and hence, the spatial direc- 
tions of the hybrid functions. i 

The first hybrid function , is of course oriented, according to our 
assumption, in the z-direction. We also assumed that the axis of Q, lies 
in the xz-plane. In this plane ọ = 0°, and thus )(p;) = (3/2) sind. 
Substituting in the equation for: tp, this expression for Ọ (x) and the 
expressions for p(s) and #(p,) from Table 5.2, we obtain the following 
cquation for ), as a function of the angle 8: 


t = : + s sin® : cos ð 
2 4n VIr Vr 

To find the value of 0 for which ), has the maximum magnitude, we 
differentiate Ų, with respect to 0 and equate the derivative to zero. Thus, 


a ean 

ae 4a cos® + ra sind = 0 
The solution of the equation is 0 = 109°28’ which is just the tetrahedral 
angle mentioned before. When we use similar procedure to find the 
orientation of p, and Ọ4, it turns out that the angle between the spatial 
directions of any two of the sp? hybrid orbitals is the tetrahedral angle 
(109°28’). 

The equation for Ų,, on introducing the expressions for p(s) and )(p;) 
from Table 5.2, becomes 


i 3 
= —= + —= cos@ 

Mia T Be 

Since the axis of UPA according to our assumption, is the x-axis for which 
@ = 0°, the magnitude of tp, is 1 IV. x. This is twice the magnitude of p(s). 
The relative magnitude of ),, with the magnitude of the s orbital as unity, 
is thus 2. It can be similarly shown that p, Y, and ), also have a relative 
magnitude of 2 in their respective axial directions. Compared to this 
the relative magnitudes of the sp and sp? hybrid orbitals, derived before,. 
are 1,932 and 1.99. We thus see that among the equivalent hybrid orbitals 


that can be formed from s and p orbitals, sp* hybrid orbitals are the 
strongest. 


Other hybrids. In addition to the three types of hybrid orbitals dis- 
cussed so far, there are a number of others, representing different mixtures 
of atomic orbitals, that are used in describing directed covalent bonding. 
In general, the important distinction between atomic orbitals and hybrid 
orbitals resides in the fact that the latter are much more concentrated 
into one direction in space than the former and have a different geome- 
trical relation to one another. Table’6.1 lists various hybrid orbitals, 
their spatial arrangements and the bond strengths associated with them. 
The numbers listed under bond strength provide a measure of the relative 
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Table 6.1 Hybrid Orbitals 
Orbital No. of orbitals Spatial arrangment Bond strength* 


pao ed 


sp 2 Linear 1-93 
sp? 3 Planar, 120° 1:99 
$ 4 Tetrahedral 2:00 
dsp? 4 Square planar 2-69 
dsp’ 5 Trigonal bipyramidal 2-80 
dsp? 6 Octahedral 2:92 


* Relative to the bond strength of pure s orbital taken as 1 


sp 
(linear 180°) 


sp? or d3s 
(tetrahedral 109°) 


\ (oe JEES 
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dsp or dsp Ea (octahedral 90°) 

(trigonal bipyramidal, j 

905 120°) 


Fig. 6.13 Directional characteristics of various types 
hybrid bonds 


concentration, or the relative degree of protrusion, in one direction. 
The geometrical arrangements of bonds obtainable by hybridization of 
various orbitals are illustrated in Fig. 6.13. 
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The valence state. Before proceeding to a further discussion of hybri- 
dization, we may introduce here the term valence state. When electrons of 
an atom are placed in hybridized orbitals the atom is said to be in the 
valence state. Since there are many types of hybrids, there are also 
many different valence states. It must be emphasized that the valence 
state is not identical with any observable stationary state of the atom. 
The valence state would not be assumed by an isolated atom because of 
the difference in energies of the orbitals used to form the hybrid orbitals. 
We may sometimes describe the valence state as the state assumed by the 
atom during the process of bonding. This description also is not com- 
pletely correct, because at the point of bonding it is really the MOs and 
not AOs with which we are concerned. Energy is required for hybridiza- 
tion, so the energy of an atom in the imaginary valence state will be 
always somewhat higher than that of the atom with the ground-state 
configuration. However, this energy of ‘promotion to the valence state’ 
is more than compensated for by a greater gain in binding energy through 
the formation of stronger bonds from hybrid orbitals. 


Examples of hybridization. Let us now consider, by way of illustration, 
the types of hybridization in some common molecules and ions. 

Beryllium atom (1s?2s?), with 2s electrons, has completed shell in the 
ground state and as such would be inactive. If, however, the beryllium 
atom receives sufficient energy, one of the 2s electrons will be promoted 
into a 2p orbital forming the excited state 1522512p1,. Now from 2s and 2p 
orbitals two sp hybrid orbitals are formed; these are collinear and point 
in opposite directions (Fig. 6.14). This explains the linear form of the 
molecule BeCl,. 

The boron atom has the configuration 1522522p1,, and the promotion of 
one 2s electron produces the excited state 15%s12p1,2p1,. The three unpaired 
electrons in this structure give rise to three bonds in simple molecules 
such as BCI,. That the three bonds are equivalent and coplanar with 120° 
orientation to other, as observed experimentally, is accounted for by the 
formation of three equivalent or hybridized sp? orbitals from the s orbital 
and the two orbitals containing unpaired electron (Fig. 6.15). 
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Fig. 6.14 The formation of sp hybrid orbitals pe! 
of beryllium (Excited) 
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Fig. 6.15. The formation of sp* hybrid B 
orbitals of boron (Excited) 


— 


i 
Atomic Structure and Chemical Bond 139 


2s -—2pP— 


c 
(Normal) [H] 
zr 23 epen — sp 
Cc 
(Excited) p pon ngon 
Fig. 6.16 The formation of sp* hybrid orbitals of carbon 


The formation of sp? hybrid orbitals in carbon becomes evident from 
the representation in Fig. 6.16. The four sp* hybrid orbitals formed from 
one s- and three p-orbitals containing unpaired electrons are directed 
towards the four corners of a tetrahedron forming tetrahedral bond 
angles (109°28’) to each other. ; 


shell and one s orbital of the valence shell (Fig. 6.17). These hybrid 
orbitals are responsible for the configuration of complex ions of the 
oxyacids of the transitional elements, €-8- (CrO), (Mn0,)7, (Mo0,)™?. 
They have a strength of 2.95, as against 1 of an s orbital. 

Hybridization of d, s and p orbitals gives stronger covalent bonds than 
those involving s and orbitals alone, In dsp? hybridization six strong 
equivalent hybrid orbitals with strength 2.92 (as against 1 of s orbital) 
directed to the corners of a regular octahedron are formed by the com- 
bination of two d orbitals of the penultimate valence shell with one s- 
and three p-orbitals of the valence shell. Owing to the availability of d 
orbitals among transition metal ions dsp? is common to many of them, 
which explains the preponderance of 6-coordinate octahedral complexes 
derived from such ions. Fig. 6.18 presents some such examples. 

Consider, for example, the ferrocyanide ion [Fe(CN).]* In order to 
make two of the five 3d orbitals available for bond formation three 
electrons in the 3d orbitals of the ferrous ion become paired. The,vacant 
dsp? hybridized orbitals can then accept the lone pairs of electrons from 
the cyanide ions. 

We have seen in Section 6.7 how the structures of simple compounds 
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(Cr Oor (Mn) CL] Fig. 6.17 The formation of d's hybrid 
orbitals in complex ions. Each dashed arrow 
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Fig. 6.18 The formation of d*sp* hybrid orbitals. On the left are the electronic configurations 
of the free metal ions. The electronic configurations of the complexes, shown on the right, 
include the twelve electrons of the ions or coordinating groups. Each broken arrow denotes 
a pair of such electrons. 


of nitrogen and of oxygen, such as ammonia and water, could be deduced 
from the directional properties of pure atomic orbitals, using the criterion 
of maximum overlap. It might be noted that such structures can also be 
considered in terms of hybrid orbitals; this treatment has certain advan- 
tages over that involving pure atomic orbitals. Consider, for example, 
the formation of the ammonia molecule. The five outer electrons of 
nitrogen (2s°2p%) can use the four tetrahedral hybrid orbitals formed by 
sp® hybridization, three being singly-occupied and one containing a lone 
pair of electrons (i.e. two electrons with opposite spins). The ammonia 
molecule formed by the pairing of the electrons of the singly-occupied 
sp* hybrid orbitals with 1s electrons of hydrogen should therefore have 
approximately tetrahedral (i.e. 109°28’) bond angle. This is much closer 
to the observed angle of 107°18’ than the 90° expected when pure 
p orbitals are used. pam 
Similarly, the six outer electrons of the oxygen atom (2298) can 
occupy four tetrahedral hybrid orbitals, two being occupied by’ ‘lone 
pair electrons and the other two by single electrons. The electrons in, the 
latter orbitals can then pair up with hydrogen 1s electrons (Shining the 


water molecule. Accordingly, the HOH angle in water should be 109°28’. 
This is seen to be much closer to the experimentally observed value of 
104°27’ than the 90° predicted earlier from the consideration of pure 
orbitals. Furthermore, the remaining 5° difference also can be closed ` 
up if we do not restrict ourselves to pure sp? hybridization but mix varying 
degrees of s- and f-orbitals to produce hybrid orbitals with the desired 
angular relationship. The hybrid orbitals formulated in this way are 
however, no longer equivalent. : 
Table 6.2 gives some more examples of hybridization, z 
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Table 6.2 Hybridization in some Common Molecules and Ions* 


p GO, COs CHa (ON), Ns 

yp? BCl, Cat, CoH, (GO,)-*, (NOs) SO,, SO, 

yt CH,, CHo, NHs, (NH,)+, (SOx); (C105)-, (C!O.)~ 

dp [Ni(CN),]~*; (PdCl)? 

dp PF, PCI, 

dsp (AF), (PF) SFe [Fe(CN).]-*, [Fe(CN) (PtCl,)~* 
(Gu (Œ [Ee E Lass 


* For the underlined atom 


6.9 Localized Bonding and Overlap Criterion 


A striking feature of the chemical bond, as revealed by much of the 
evidence relating to its properties such as the length and binding energy, 
is that it is in most cases very localized and concerns primarily the two 
atoms which are being joined; adjacent atoms, even if attached. to one 
of the bonded atoms, have only secondary effect on the bond. There are, 
of course, exceptions to this general rule, but in almost all cases such 
exceptions can be associated with some special feature of the molecule itself. 

The general molecular orbital theory centres on the idea that when 
two or more atoms combine to form a molecule there are formed molecular 
orbitals which embrace all the nuclei in the molecule. These are referred 
to as delocalized molecular orbitals. Quite often, however, in dealing 
with polyatomic molecules it is more advantageous to modify the general 
theory and discuss molecular orbitals enclosing only the two nuclei 
directly involved in bonding rather than all the nuclei in the molecule. 
Such molecular orbitals: are then referred to as localized molecular 
orbitals. Conceptually, localized MOs are more closely allied than 
delocalized MOs to our empirical ideas of chemical bonding and are 
therefore easier to visualize and handle. 

Moreover, in view of the structural properties of covalent compounds, 
we have to accept that the covalent bond, in addition to being localized, 
is also very directional in character. Since hybrid orbitals have strong 
directional properties, it is advantageous to use hybrid atomic orbitals 
for describing localized molecular orbitals in covalent bonding. It might 
be mentioned, moreover, that the concepts of localized bonds and directed 
valence are very closely linked. The application of the criterion of maxi- 
mum overlap to localized molecular orbitals forms the basis of the explana- 
tion for directed valence. 

In terms of the VB concept, however, the localized bond means that the 
pairing of electrons from two different atoms in the formation of a bond 
is independent of any other pairing that may occur in the rest of the 
molecule. The explanation for directed valence, however, is provided, 
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as in the MO theory, by the criterion of maximum overlap. Thus the 
approach to localized bonding in polyatomic molecules is much the 
same, at least from a qualitative point of view, in both VB and MO 
theories. 


6.10 Orbital Structures of Some Hydrocarbons 


In view of the unique bonding properties of carbon and the considerable 
theoretical study that these properties have received, it will be appropriate 
here to present a discussion on the structural features of some common 
hydrocarbon molecules. As we shall see in the following, the introduction 
of hybrid orbitals provides considerable insight into the structural details. 


Methane (CH,). Methane has four equivalent tetrahedrally directed 
carbon-hydrogen bonds. We may therefore picture the carbon atom in 
CH, as tetrahedrally hybridized and describe the molecule as being 
formed by the end-on overlap of the s orbitals of the hydrogen atoms 
with the sp? hybrid orbitals of the carbon atom. These overlaps are 
very effective, since, as has been pointed out earlier, the charge clouds 
of hybrid orbitals are characterized by extended axial concentration. 
The bonds in methane are therefore particularly strong. 

The localized MO formed by the end-on overlap of an s orbital and an 
sp? hybrid orbital, as referred to above, is known as a o orbital or, more 
loosely, when occupied by the two permitted electrons, a o bond. In the 
o bond, therefore, the charge distribution is symmetrical about the inter- 
nuclear axis. Fig. 6.19 shows the localized MO configuration of methane. 


c 


AN 


The VB description of the methane molecule in terms of electron 
pairing also pictures the carbon atom as hybridized tetrahedrally so that 
four C—H bonds of o type are formed by pairing these sp electrons of 
carbon with the Is electrons of hydrogen. 


Fig. 6.19 Tetrahedral configuration of CH,, The four lobes are local- 
ized MOs. 


Ethane (C,H;). It can be described in much the same way as methane. 
Each carbon atom uses four sp? hybrid orbitals—three for overlapping 
with the s orbitals of three hydrogen atoms and the fourth one for 
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Fig. 6.20 Localized MOs (bonds) in ethane 


overlapping with its counterpart of the second carbon atom. This leads 
to four localized o MOs as shown in Fig. 6.20. Since rotation about the 
axis of a single o MO does not affect the overlap of the orbitals concerned, 
free rotation about the central bond in ethane would appear to be 
possible. Actually, however, the rotation in ethane is not completely free, 
since it is hindered somewhat by the repulsion of the electrons in the c 
MOs. In fact, because of this repulsion the staggered configuration of 
Fig. 6.20 is preferred. 

In VB ferms, the ethane molecule can be described as follows. The 
carbon atom is hybridized tetrahedrally and two of the sp? electrons, 
one from each carbon atom, are paired to form a single bond between the 
carbons. The remaining six sp? electrons of the carbonatoms pair with the 1s 
electrons of hydrogen atoms to form o-type carbon-hydrogen bonds, as 


in methane. This gives the H-C-H bond angles in accord with the 
observed value of 109.3°. 


Cyclopropane (C;H,). In the cyclopropane molecule the carbon 
interbond angles are 60°. For maximum overlap in the carbon-carbon 
bond formation in cyclopropane, two orbitals of each carbon atom should 
be directed towards the other two carbon atoms, necessitating that one of 
the angles between orbitals for each carbon be 60°. Quantum mechanics, 
however, stipulates that, when a carbon atom forms four single bonds, 
interbond angles approaching 109° are favoured. Even if the angle 
between the orbitals is 109°, substantial overlap may still occur, but it 
has been calculated that an inter-orbital angle of 104° represents the 
best compromise from energy considerations. In any case, since bonds to 
attached atoms are generally assumed to correspond to the lines of maxi- 
mum electron density or maximum overlap, it follows that the bonds 
between carbons in cyclopropane are ‘bent’, somewhat like bananas, so 
that three regions of maximum charge density lie outside the triangle of 
carbon nuclei (Fig. 6.21). The carbon-carbon distance (i.e. the conven- 
tional bond length) in cyclopropane should therefore be less than that 
for, say, ethane. The measured values for the two cases are 1.51 and 


1.54 A, respectively. 


Ethylene (C,H,). In the ethylene molecule, the H-C-H bond angles 
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Fig. 6.21 The formation of ‘banana’ bonds in cyclopropane 


angles are close to 120°. So the MOs are evidently forméd by using sf” 
hybrid orbitals. The s orbital and two orbitals of each carbon atom 
in ethylene hybridize to form three coplanar sp? hybrid orbitals, two of 
which form localized (i.e. bicentric) MOs of o type by overlapping with 
ls orbital of hydrogen, while the third overlaps with its counterpart of 
the second carbon atom to form another localized o MO. These MOs, 
each being occupied by two electrons of opposite spin, are also loosely 
called o bonds. All the o bonds in ethylene obviously lie in a plane [see 
Fig. 6.22(a)] and the molecule is thus coplanar. Each carbon atom is now 
left with a singly-occupied p orbital having its axis perpendicular to the 
plane of the atoms. The lateral overlap of these two orbitals gives rise to 
a localized MO (bond) between the two carbon atoms [see Fig. 6.22(6)]. 
The x bond, occupied by two electrons, makes the second component of 
the carbon—carbon double bond. Since the x bond is formed by the lateral 
_ overlap of the p orbitals, it is weaker than the c bond. formed by end-on 
overlap of sp? hybrid orbitals. The configuration of ethylene in terms of o 
and x MOs, called the o-r configuration, is shown in Fig. 6.22(c). The c 
electrons, i.e. the electrons occupying the c bond, dominate the interior 
situation while the x electrons of the z bond do the exterior. The = 
electrons are therefore not held so firmly by the positive fields of the 
carbon nuclei as the electrons of the o bond. Consequently, the x electrons 
are more mobile, more easily detached, and more easily brought into 
chemical reaction. 

The description given above of carbon-carbon double bond also 
accounts for the absence of free rotation about this bond as follows. Since 
the m bond is formed by lateral overlap of p orbitals it is appreciably 
strong when the axes of the p orbitals are parallel, the strength being 
clearly related to the extent of parallelism. Such parallelism, however, 
would be destroyed if the molecule were twisted about the carbon-carbon 
axis. In other words, such twisting requires breaking the x bond and, 
therefore, cannot take place easily. 

A further consequence of the formation of a x bond by lateral overlap 
of the p orbitals is the shortening of carbon-carbon internuclear distance. 
Thus it is 1.34 A in ethylene in contrast to 1.54 A in ethane. 
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Fig. 6.22 Molecular orbital formation in ethylene. (a) Localized o MOs (bonds). 
in xy-plane. (b) Localized z MO (bond) in xz-plane; o bonds (in xy-plane) are 
shown as lines. (c) c-r configuration; there is a hydrogen nucleus (proton) embed- 
ded in each of the four « orbitals- protruding from the carbon nuclei. 


VB description. According to the VB description of ethylene in- terms 
of electron pairing, the carbon atoms are hybridized trigonally and two 
of the sp? electrons (one from each carbon) are paired to form a single bond 
between the carbons, while the remaining four sp? electrons (two from 
each carbon) pair with H(1s) electrons to form four C—H bonds. Each 
carbon is now left with a p, electron. The pairing of these pz electrons gives 
rise to the second component of the carbon-carbon double bond. 


Acetylene. In line with the above theory of the double bond in ethylene, 
the formation of triple bond in acetylene requires that the s orbital and 
one p orbital of each carbon atom will hybridize to form two linear 
hybrid orbitals, one of which forms a o bond with a hydrogen atom by 
overlapping with its 1s orbital, while the other overlaps with its counter- 
part of the other carbon atom forming a carbon-carbon o bond [see Fig. 
6.23(a)]. All the atoms are, therefore, along a straight line. Each carbon 
atom is now left with two unchanged p orbitals whose axes are perpendi- 
cular to each other and to the internuclear line, Two v bonds are 
formed by the lateral overlap of these „p orbitals [Fig. 6.23(b)]. So the 
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Fig. 6.23, Molecular orbital formation in acetylene. (a) Localized o MOs (bonds) in xy-plane. 
(b) Localized x MOs (bonds) formed by the overlap (indicated by horizontal double lines) 
of py and pz orbitals. (c) Charge cloud of two m bonds (o C-H bonds shown as lines). 


triple bond is made of one o bond and two x bonds, each being occupied 
by two electrons with paired (i.e. oppositely directed) spin. Moreover, 
since two equally occupied x orbitals produce a total electron distribution 
which is circularly symmetrical about the internuclear line, it follows 
that the electronic charge cloud of the m bonds in acetylene is of the 
form of cylindrical sheath about the C—C axis with the axial interior 
relatively empty of m electrons [Fig. 6.23(c)]. 

As with the double bond it is the externally located electrons of the 
triple bond that are relatively more easily removed or disturbed and 
brought into chemical reaction. However, in contrast to the double bond, 
the z component of which might be uncoupled by torsion, the cylindrical 
x sheath of a triple bond is not disrupted by torsion. This situation is 
amply reflected in the great thermal stability of some triple-bonded 
compounds. 

The presence of two m bonds in the carbon-carbon triple bond, in 
contrast to one in the double bond, leads to further shortening of the 
internuclear distance. Thus it is 1.20 A in comparison to 1.34 A in 
ethylene. 

One interesting trend, observed along the series methane, ethylene 
and acetylene, is the increasing polarity of C—H bonds— the hydrogen 
becoming positive — which is climaxed by the ability of acetylene to 
form metallic compounds. This behaviour has been related to the increase 
in the proportions (1/4,1/3, and 1/2) of the s component in the hybrid 
orbitals of carbon along the above series. Being lower on the energy scale, 
an s orbital keeps the electrons closer to the nucleus than does the 
corresponding p orbital; similar contrast is also displayed by s- and 

p-components of a hybrid orbital, the former showing greater tendency 
to keep the electrons closer to the carbon nucleus. mkt 
VB description. As in the MO treatment, so also in the VB description, 
we picture the carbon atoms as diagonally hybridized in C,H,. Two sp 
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electrons (one from each carbon atom) are paired to form a single bond be- 
tween the carbon atoms and the remaining two sp electrons pair with H(1s) 
electrons to form two C—H bonds. Each carbon is now left with one py 
electron and one f, electron. The pairing of the two p, electrons and that 
of the two p; electrons form the second and third components of the 


carbon-carbon triple bond. 


Butadiene (C,H,). The most widely known conjugated diene is 
butadiene-1, 3, often referred to simply as butadiene. In calssical valency 
terms it can be written as CH, = CH—CH = CH,. A 
MO description. The butadiene molecule is coplanar and the C-C-C 
\ bond angles are close to 120°.. We can therefore assume that each carbon 
atom uses three sp? hybrid orbitals as in ethylene. The four carbon atoms 
are bonded to each other by the overlap of these hybrid orbitals and to the 
hydrogen atoms by overlap with their 1s orbitals. This gives the com- 
pletely coplanar skeletal arrangement of four carbon and six hydrogen 
nuclei, as shown in Fig. 6.24. Each carbon atom is now left with a singly- 
occupied p orbital which is perpendicular to the plane of the nuclei. The 
remaining carbon-carbon bonds are to be formed by the overlapping of 
these unhybridized p orbitals. A point of particular interest which now 
arises is that the p orbital of, for example, the second carbon atom can 
overlap with that of the first carbon atom or with that of the third 
carbon atom. In other words, p orbital overlap is possible over all four 
carbon nuclei of the conjugated system. Conjugation of double bonds 
thus, turns out to be the formation of polycentric of delocalized MO. 
In butadiene, the four p orbitals overlap to form a delocalized 7 MO. 
extending over all four carbon nuclei of the system. It is in two segments, 


H . 
HN 
H H 
H H 
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Fig. 6.24 Molecular orbital: formation in 
putadiene. (a) Localized o MOs (shown as 
lines) and p orbitals. (b) First delocalized x 
MO. (c) Second delocalized 7 MO. 
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one above and one below the plane of molecule [Fig. 6.24(b)]. This 
z MO has a single nodal plane (coinciding with the plane of the molecule) 
and is of lowest energy. Now since any one MO can accommodate up to 
two electrons whereas the diene system has four p electrons in the over- 
lapped orbital, a further x orbital is required to take the remaining two 
electrons. This second m MO is also formed from overlapping of the 
p orbitals and is delocalized, encompassing all four carbon nuclei. It 
has two nodal planes, one perpendicular to the plane of the molecule 
and another coinciding with the plane of the molecule. There are thus 
four segments, two above and two below the plane of the molecule 
[Fig. 6.24(c)]. The energy of this MO is slightly higher than that-of the 
first. However, the total energy of the electrons in these two delocalized 
orbitals is less than the total energy that would be if they were located in 
the localized (bicentric) MOs of two isolated double bonds. The diffe- 
rence in energy is the delocalization energy, often called the resonance 
_energy, and is a measure of the additional stabilization of the molecule 
caused by electron delocalization. In the case of butadiene this amounts 
to about 7 kcal/mole. 

We thus see that the source of resonance energy is the same as that of 
any other type of bonding energy. As the energy of a single or double 
bond arises from the ability of an electron to encompass two positive 
nuclei in a molecule in place of one in an atom, so also resonance stabiliza- 
tion is merely a manifestation of the ability of an electron to encompass 
more than two nuclei instead of two. 

Since the four x electrons, in terms of the MO picture given above, are 

not localized in particular bonds, but are free to move in the region 
encompassing all four carbon nuclei of the conjugated system, we can 
draw the inference that the central single bond has some share of the x 
electrons, and hence has some double bond character. For example, its 
length is shorter than that of a pure single bond. 
VB description. In terms of the VB theory the structure of the butadiene 
molecule is regarded as a combination of contributions from three diffe- 
rent primary or canonical structures each of which is a structural formula, 
written in classical valency terms and expressing a possible electron 
distribution for the molecule as: 


CH,—CH—CH =CH,<+CH,—CH=CH—CH,«+CH,—CH=CH—CH, 

The use of a double-headed arrow (<-->) as the link symbol implies 
that each structural form contributes to the true structure of the molecule. 
All however do not make equal contributions. Uncharged forms, in 
general, make a greater contribution than charged forms. It must be 
borne in mind that the canonical structures are only hypothetical 
structures and the true structure lies somewhere between them. Collo- 
quially, we may say that there is resonance between the canonical struc- 
tures and the true structure is a resonance hybrid. 
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The inclusion of the second and third canonical structures Jeads to the 
same general conclusion concerning the central bond, i.e. it is not a pure 
single bond, but has some double-bond character. These structures also 
show clearly that polarization affects positions 1 and 4, which explains 
the observation that addition reactions occur at positions 1 and 4 to 
the system as a whole. À 


Benzene (C,H,)- It is found by experiment that the six carbon atoms 
in benzene are coplanar and arranged as a regular hexagon. Also, all six 
carbon-carbon bonds in the ring are equivalent, having the same length 
1.39 A. The carbon-carbon bond in benzene is thus intermediate in 
length between a carbon-carbon single bond (1.54 A) and a carbon- 
carbon double bond (1.34 A). 

MO description. In view of the general shape of the benzene molecule 
stated above, the MOs are evidently formed from hybrid carbon atomic 
orbitals of the sp? type. The overlap of two sp? hybrid orbitals of each 
carbon atom leads to a regular hexagon of six carbon nuclei held in a 
plane by localized o MOs (bonds). Each of the remaining six sp? hybrid 
orbitals then overlaps with a hydrogen 1s orbital forming a localized 
o MO. We thus get a planar system of carbon and hydrogen nuclei as 
shown in Fig. 6.25(a). 

Each carbon is now left with a singly-occupied $ orbital oriented at 
right angles to the plane of the ring as illustrated i Fig. 6.25(6). Since 
any orbital can overlap both p orbitals on either side of it equally well, 
al! six orbitals overlap right round the ring to form delocalized = MOs. 
And since six atomic orbitals are involved in the process, six MOs of this 
type are possible, each of which is capable of holding two electrons. 
The energies of the orbitals may be calculated and the complete set. of 
MO energy levels constructed, as shown schematically in Fig. 6.26. 
In the ground state of the molecule the six electrons will occupy the 
three v MOs of lowest energy. These are the bonding orbitals and the 
remaining three of higher energy are the antibonding orbitals. The 
shapes of the bonding orbitals are illustrated in the three parts of Fig. 
6.25. They all encompass all six nuclei. The first m MO, it can be seen, 
has only one nodal plane and it coincides with the plane of the molecule. 
This is the most stable orbital having the lowest energy, because it has 
no nodal plane perpendicular to the plane of the molecule — a condi- 
tion that gives the longest possible electron wavelength and hence the 
lowest electronic energy. The two next most stable molecular orbitals, 
namely, the second and the third MOs are degenerate, having equal 
energies, and each has a nodal plane perpendicular to the plane of the 
ring in addition to that coinciding with the molecular plane. 

Referring to the pattern of the delocalized 7% MO energy levels, as 
shown in Fig. 6.26, it is easy to understand, why a sextet of electrons as 
in benzene is so stable. The set of six m electrons, called the aromatic 
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Fig. 6.25 Molecular orbital formation in benzene. (a) Localized o MOs (bonds) 
in 4y-plane, (b) All six pz orbitals overlap each other (indicated by horizontal 
double lines) to form delocalized x MOs. (c) First, second and third bonding 
delocalized n MOs 
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Fig) 6.26 Schematic energy levels of the delocalized č 
x MOs of benzene, In the ground state, the three : m) (Tt) 
lowest orbitals are each occupied by two electrons of T) 
opposite spin -eem 


sextet, completely fills the three lowest MOs and this gives the benzene 
ring high stability and high resistance tọ disruption by chemical attack. 
If the MOs were occupied by five x electrons instead of six, there would 
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be an electron vacancy that would give the molecule an electron-attrac- 
ting power and thus make it chemically reactive. If, on the other hand, 
the molecule had seven = electrons, one would have to occupy a higher 
energy orbital and so would be prone to be lost, again rendering the 
molecule chemically reactive. 

We may now consider some of the important consequences of 7 electron 
delocalization in benzene. Since the six x-electrons are free to move any- 
where in the m MOs encompassing all six carbon nuclei, which means 
that all x electrons are active in the binding of each carbon-carbon pair, 
we can draw the conclusion that all six bonds must be mutually equiva- 
lent, and furthermore, they must be shorter than a pure single bond. 
These conclusions are in accord with experiment. Sharing out the x 
electrons over the whole system, moreover, decreases the likelihood of 
the system undergoing addition reactions. In other words, the stability 
is increased by delocalization. 

The heat of combustion for benzene may be calculated assuming that 
it is a cyclic triolefin of six carbon atoms held together by alternating 
double and single bonds. Such a calculated value, however, exceeds the 
measured heat of combustion by 36 kcal/mole showing that benzene is 
more stable by this quantity than would be expected if its bonds were 
pure single and pure double bonds. This lowering of energy, i.e. in- 
creased stability, is the result of the greater freedom allowed to the elec- 
trons in delocalized MOs relative to simple localized MOs between 
alternate pairs, and is termed delocalization energy Or resonance energy. 
Representative values of the delocalization energy for benzene and some 
other benzenoid aromatics are shown in Table 6.3. It is seen that in these 


Table 6.3 Resonance Energies of Benzenoid 
Aromatics (kcal/mole) 


Molecule Resonance Resonance. energy 
sess eng a eas 
Benzene 36 6-0 
Naphthalene 61 6-1 
Anthracene 86 61 
Phenanthrene 99 Zel 
Diphenyl 74 62 
Dibenzyl 7. 58 
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simple aromatic hydrocarbons each v electron, contributes about 6 kcal 
per mole.to the resonance energy. } 2 

The resonance stabilization may be taken as a physical criterion of 
aromatic character. Besides pbenzenoid molecules, there are also non- 
benzenoid molecules which. give indications of resonance stabilization. 
For example, azulene and diphenylene (Fig. 6.27) are not aromatic 


compounds in the proper sense, but in view of their significant resonance 


Fig. 6.27 Structures of (a) azulene, (b) diphenylene, and (c) cyclo- 
octatetraene 


energies, namely, 31 kcal/mole and 20 kcal/mole respectively, they can 
be said to have aromatic character according to this physical criterion. 
By the same token, cyclo-octatetraene (Fig. 6.27) with a resonance energy 
of only 4 kcal/mole, has no aromatic type stabilization. 

Since the x electrons are free to move anywhere in the delocalized 
MO, the benzene ring is like a little loop of wire containing mobile 
electrons. Applying a magnetic field normal to the planes of the rings 
in solid benzene these electrons can be induced to circulate about it and’ 
they then make a disproportionately large contribution to the dia- 
magnetism of the system; moreover, this contribution is confined to the 
direction perpendicular to the plane of circulation, i.e. the molecular 
plane. The mean diamagnetism and its anisotropy, both of which are 
measurable quantities, can therefore be used to assess the aromatic 
character. 

The z-electron circulation induced by a magnetic field has another 
consequence that can be exploited in determining the aromatic charac- 
ter. If an external magnetic field is applied normal to the plane of the 
molecule in solid benzene, the induced circulation of the 7 electrons 
produces a magnetic field (Fig, 6.28), which, measured at points within 
the hexagon, is opposed to the external field, but at the positions of the 
hydrogen atoms outside the hexagon it contributes to the field, making 
the total field greater than the applied field alone. An increment to the 
field of this kind can be detected by measuring the proton magnetic 
resonance which is a sensitive measure of the total field. Consequently, 


gW 


H 


Fig. 6.28 Schematic diagram of the aromatic 
ring current contribution to the magnetic field P 
at the positions of the hydrogen atoms (P) of 
benzene, H is the external magnetic field and 
the curved lines are the lines of force of the 


magnetic field due to the induced circulation 
of m electrons, 
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proton magnetic resonance measurements have proved to be useful in 
identifying molecules with aromatic ring current: 

We thus see that the origin of certain characteristic physical properties 
of aromatic molecules is in the delocalization of the aromatic 7 electrons. 
This consideration has been one of the main factors in the generalization 
of the term ‘aromatic character’ and extending it to molecules even be- 
yond those of strictly aromatic class. Thus molecules like azulene, dipheny- 
lene, pyridine, borazole, etc., which are not aromatic in the strict sense, 
can, however, be said to have aromatic character in so far as they possess 
the physical properties of delocalized electrons. y 
VB description. In view of the regular hexagonal configuration of ben- 
zene, it is assumed that all six carbon atoms are trigonally hybridized 
and twelve sp? electrons (two from each carbon) are paired to form six 
single bonds giving a regular hexagonal skeleton of six carbon atoms 
im a plane. The remaining six sp? electrons (one from each carbon) pair 
with H(1s) electrons to form six C—H bonds in the plane of the hexagon. 
The problem now is in describing the participation of the six carbon fz 
electrons in the bonding. For example, we may couple the alternate 
pairs of the p, electrons to fashion either of the Kekule structures I and 
II, as shown in Fig. 6.29, equally well so that the resulting structure 
must be a superposition of the two. We might therefore say that the 
actual structure of benzene is formed by resonance between the two hypo- 
thetical Kekule structures. The Kekule structures are, however, the 
principal but not the only cont ‘butors to the actual benzene structure; 
smaller contributions are also made by the three Dewar structures, shown 
as III, IV and V in Fig. 6.29. These five are the more important cano- 
nical structures of benzene. 

In VB terms, benzene can be said to be a resonance hybrid of the 
hypothetical canonical structures and the true wave function describing 
the molecular structure can be obtained by a linear combination of the 
wave functions for the various canonical structures (cf. Eq. 6.2). As 
before, the problem is to determine the values of the coefficients in such 

of the system a minimum. The relative 


a way as to make the energy 
contributions of the different structures to the true structure of the mole- 
nitudes of the squares of the 


cule are then given by the relative mag e 
coefficients of the corresponding wave functions. Such calculations show 


that each Kekule structure contributes just under 40 per cent and each 


Dewar structure about seven per cent to the true structure. It must be 
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Fig. 6.29 Canonical structures of benzene 
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Fig. 6.30 Canonical structures of aniline. 


clearly understood that the aforesaid resonance description does not 
mean that some molecules have one structure and some another or that 
the benzene molecule remains, for example, in the Kekule structure I for 
about 40 per cent of the time, but that the true structure lies somewhere 
between the resonance structures and can only be described as a sort of 
weighted average of them. The inference from this resonance picture is 
that all the carbon—carbon bonds are equivalent and somewhere 
between single bond and double bond in character. 

In substituted benzene compounds, contributions from ionic structures 
must be included. In the case of aniline, for example, the more important 
canonical structures are as shown in Fig, 6.30. The inclusion of the ionic 
structures results in an additional energy of 7 kcal, compared to benzene, 
and moreover leads to a prediction of a net negative charge at the ortho and 
para positions of the molecule. This accounts for the fact that the NH 2 
group in aniline directs electrophilic (i.e. electron-seeking) approaching 
substituents (e.g. NO2* , Br*) to these positions. 


6.11 Bonding in Coordination Compounds 


Coordination compounds of transition metal ions constitute the largest 
class of compounds in which d orbitals are involved. Such compounds 
consist of a central transition metal ion surrounded by electron-rich 
coordinating groups. Coordinating groups in complexes are referred to as 
ligands, Ligands are usually negatively charged atoms or groups of atoms, 
such as, halogen ions, OH, CN; NOF, etc. Sometimes ligands may even 
be neutral molecules, e.g. NH3 and H20; these are however, polar and 
the negative end of the dipole is directed towards the metal ion. 

Three different methods of treating the bonding in coordination 
compounds have been developed, marking three stages in the develop- 
ment of a description of such compounds. The earliest of these, the 
valence-bond approach developed by Pauling (1931), considers bond 
formation in various ways by overlapping of atomic orbitals, particularly 
hybridized orbitals, making use of resonance structures when appro- 
priate. The valence-bond approach has an intuitive appeal and in some 
respects it 1s the most satistying method. Its principal drawback, however, 
ıs that the theory is qualitative. In order to obtain quantitative results it 
is sometimes necessary to consider participation of a very large number of 
resonance structures. 
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Crystal-field theory (Bethe, 1929,and Van Vleck, 1932) was originally 
developed to describe the effect, on a metal ion in a crystal, of the electric 
field due to the presence and arrangement of neighbouring ions in the 
crystal. Essentially the same theory has been applied to coordination 
compounds with surprising success. Despite the fact that covalent 
bonding is completely neglected in this approach, the theory provides a 
reasonably good interpretation of the stereo-chemical, magnetic and 
optical absorption properties of complexes. 

A third approach treats the bonding in coordination compounds from 
the molecular orbital point of view adopting the method used previously 
for covalent bonding (Section 6.4). In practice, however, the MO 
approach alone has not been completely successful and developments in 
the field have led to a blend of the crystal field and MO theories, known 
as ligand field theory. 


Valence-bond theory Inlithe valence-bond approach as applied to 
coordination compounds we determine how the d-orbitals of a transition 
metal atom can be hybridized with other orbitals (Section 6.8) of the 
same atom to provide new orbitals according to the symmetry of the 
compound under consideration. These new orbitals are then considered 
to overlap those of ligand orbitals, each occupied by a pair of electrons. 

When a transition-metal atom is surrounded octahedrally by six 
ligands, their directions of approach coincide precisely with the direc- 
tions along which the dz- and d,2 _,? orbitals are concentrated (cf. Figs. 
5.4 and 6.13), while the other three, d xy, dxz and dy, lie in the regions 
between the ligands. The dz? and dy2—y2 are therefore suitable for 
formation of hybrid AO’s. In applying the valence-bond theory, it is 
assumed that the (n-1)dJ AO’s (where n is the principal quantum number 
of the valence electrons of the metal atom) and ns and np AO’s are 
sufficiently close in energy to be hybridized. Thus if the six orbitals ns, 
npr, Np, , Np: (n-1)d; and (n-1) d? „ye are hybridized, six new d sp *hybrid 
orbitals (see p. 137) are formed, pointing towards the six corners of an 
octahedron (Fig. 6.13). These hybrid orbitals are used in bonding with 
ligands, each of which contributes a pair of electrons shared with the 
metal atom in coordinate bonds. The disposition of the d electrons of the 
metal atom depend on the particular compound. Figure 6.18, for 
example, shows the valence-bond diagrams for complexes of Fe+?, Fet3 
and Cr+3, having six, five and three d electrons, respectively. The electron 
configurations on the left are for the free ions, while those on the right 
include twelve electrons from six ligands or coordinating groups. Hund’s 
rule applies to the nonbonding electrons; hence they occupy separate 
orbitals with their spins parallel. These unpaired electrons contribute to 
the magnetic moment of a complex ion. We shall consider this topic in 
Section 6.12. 
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Some of the transition metals adopt a lower coordination number of 
four in their complexes, for which two configurations, tetrahedral and 
square planar, are found. While the tetrahedral structure can be 
considered to arise from bonding with four sp3 hybrid orbitals formed by 
combination of ns, np, np, and npz AO’s, the square planar structure 
can be accounted for with four dsp2 hybrid orbitals using the set 
(n— 1)dx? awh s NS, np,and npy (see Fig. 6.31) 
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Fig. 6.31 The formation of planar and tetrahe- 

dral complexes of 4-coordinate Ni*? (Each 

dashed arrow denotes an electron pair supplied by 

a ligand.) 

Crystal-field theory. The crystal-field theory deals with the origins and 
consequences of the splitting of the inner orbitals, especially of the d 
orbitals, of ions by their surroundings in chemical compounds. The 
theory considers that the transition metal atom, constituting the central 
atom in a molecule or ion, is a positive ion and it is surrounded by a 
number of ions or molecules referred to as ligands. The bonding between 
the central atom and the surrounding ligands is assumed to be 
completely electrostatic even if it happens to be appreciably covalent. 
The theory considers the effect of ligand fields (i.e. electrostatic fields due 
to ligands) on the d orbitals of the central metal atom. 

In order to discuss this effect, it is necessary to recall the directional 
feature of the latter. It is seen from Fig. 5.4 that in the dx?-y?orbital, the 
lobes lie along x- and y-axes, and in dz2 orbital they lie on the z-axis, 
whereas in the other three d orbitals (dig dxz, d yz) the lobes lie between 
the axial directions. Hence the orbitals can be divided into two sets: the 
first set comprises thed y*_,2 and dz? orbitals (both referred to as the dy 
orbitals,whose angular probability distributions are concentrated along 
the axial directions, whereas the second set comprises the dxy ,dxz_ and dyz 
orbitals (collectively referred to as the de orbitals) whose angular 
probability distributions are at maximum at 45° to the axial directions 
and are zero along the three axial directions, 

When negatively charged ligands approach the central atom, the 
electrons of the central atom are subjected to repulsive forces, which are 
obviously strongest in the approach directions of the ligands; that is to 
say, the energy of the orbitals which point in these directions is 
consequently increased. So the d electrons will tend to occupy thos¢ 
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orbitals which are farthest away from the approach directions of the 
ligands. Since the most common approach directions, or rather the 
arrangement of ligands around a central atom, are octahedral and 
tetrahedral, only the effects of ligands of these symmetries will be 
discussed here. 


Octahedral ligand field, Whena transition metal ion is surrounded 
octahedrally by six ligands, their directions of approach coincide with the 
x-, J- and z- axes (Fig. 6.32) which are also precisely the directions 


Fig. 6.32 Arrangement of ligand ions around 
the central metal ion M+” in an octahedral 
complex. 


along which the d y orbitals, referred to above, are concentrated (Fig.6.33). 
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Fig. 6.33 Angular probability distributions of dorbitals in an octahedral complex. The dxz and dyz 
orbitals are similar to dyy but lie in the planes xz and yz respectively. i 

Since the dy orbitals point in the direction of the ligands, these orbitals 
are raised in energy owing to the repulsion between the negative charge 
density in the d orbitals and that in the ligands. On the other hand, the 
de orbitals which point away from the ligands are lowered in energy. 
Thus the five d orbitals which have the same energy and are, therefore, 
degenerate in a free metal ion, are split in an octahedral ligand field mig 
two sets, namely, a higher cnergy, doubly degenerate set of orbitals m 
and d x?—»2 (designated as ay Or ‘g orbitals). and a lower energy, triply 
degenerate set, dxy , dxz and dyz (designated as de OF fag orbitals), as 
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shown in Fig. 6.34. So, in an octahedral ligand field the ¢, orbitals are 
destabilized with respect to the d, orbitals. 

The energy difference, A , between the eg or dy and tag or dg orbitals 
is the œystal-field splitting. Its magnitude depends on the particular ligands 
as well as on the central metal ion. 

Usually, the crystal-field splitting, A, can be measured directly from 
the absorption spectrum of a complex and so is commonly quoted in 
units of frequency, cm. The crystal-field splittings, A in cm™, observed 
for some metal complexes are as shown in Table 6.4. 


Table 6.4 Crystal-field Splitting, A(in cm-!) of some Metal Complexes 


Ligand 

PARE Ue Be ee AS AUSE 
Metal ion Gly H30 NH3 en* CN” 
AEE ONS A AN Cp NSIS Ua Ta Maen LA POISAS SA cS ON 
Ni (ID) 7,300 8,500 10,800 11,600 Er 
Cu(1) — 12,600 15,100 16,400 a 
Cr(II) 13,600 17,400 21,600 21,900 26,300 
Co(II) — 18,600 23,000 23,300 34,000 


*en = ethylene diamine. 


From such spectroscopic measurements of crystal-field splitting, various 
ligands can be arranged in a spectrochemical series, in the order given 
below, in which A increases, for any given metal ion, from left to right: 

I -<Br~<Cl ~<F "“<OH <C.0;*<H20 < py 

= NH; <en <dipy < phen < NOF < CN- 

The ligands which arenear the beginning of the series, e.g. the halide ions, 
have weak electrostatic field associated with them, and the crystal-field 
splitting is therefore small. On the other hand, ligands such as NO2 and 
CN _ , which give rise to a strong field, and hence cause a large splitting, 
are in the latter part of the spectrochemical series. For different metal 
ions, the change from a weak field to a strong field does not occur at the 
same point in the spectro-chemical series of ligands. This is because, as 
reference to Table 6.4 will show, even the same ligand gives rise to 
different splittings for different metal ions. 
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It is customary to consider the effects of weak and strong field 
separately. A weak ligand field has no appreciable effect on the relative 
energies of the d y and d ç orbitals, so that the d electrons fill the d orbitals 
in the normal way following Hund’s rule; that means, no d orbital can 
receive two electrons until all the others have received one electron each. 
However, Hund’s rule breaks down when there is a strong ligand field. 
Thus in the presence of an octahedral strong ligand field, the electrons in 
dy -orbitals are forced to occupy the lower-energy dẹ orbitals, and 
consequently, the d ¢ orbitals may receive an electron pair even before dy 
orbitals have received one’ electron each. An example is cited below to 
illustrate the different effects of strong and weak ligand fields. 

The electronic configuration of a neutral iron atom is represented by 
4s 2 3d6 (omitting the inner electrons), and since the $ electrons of a 
transition metal atom are ionized before any d electron, the configuration 
of a ferric ion is 4s°3d5(see Fig.6.35), in which the five d electrons occupy 
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Fig. 6.35 Octahedral coordination of Fet3 ion by weak and 

strong ligand fields. (Each dashed arrow denotes an electron 

pair supplied by a ligand.) 
the five d orbitals singly, in accordance with Hund’s rule. We can now 
consider the effect on these d electrons when six ligands approach 
the ferric ion octahedrally. Tf the approaching ligands exert a weak 
field, the relative energies of dy -and dg -orbitals are not appreciably 
altered, so that the free electrons remain in the same orbitals. If, 
however, the ligands exert a strong field, the dy -orbitals are 
destabilized with respect to the de ‘orbitals, for reasons stated before, 
and so all the five electrons now occupy the de orbitals. In this case, 
only one electron remains unpaired. This may be compared with 
the number of unpaired electrons, ‘namely five, when the ligand field is 
weak, The configuration in the weak field case is therefore referred to as 
spin-free and that in the case of strong field as spin-paired. The complexes 


>” 
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(FeF, ]-3and [Fe(H20),]+3 represent the weak field case, while the 
complexes [Fe(phen)3]+3 and [Fe(CN)g]~? represent the strong-field case. 

Since in the case under consideration the arrangement of ligands is 
octahedral, sp3d2 hybrid orbitals would be expected to be used, and 
because of their directional properties, dy-orbitals would more probably 
be included rather than d,-orbitals. These are indicated in Fig. 6.35. 
Since in the weak-field case the 3d.y-orbitals. are already occupied by 
electrons of the iron atom, the 4d orbitals are used for bond formation, 
and the hybridization is therefore referred to as sp3d2 or ‘outer’ hybrids. 
In the strong-field case, however, the 3d-orbitals can be used for bond 
formation, because the 3dy orbitals are not occupied by electrons of the 
iron atom; the hybridization in this case is referred to as d25p? or ‘inner’ 
hybrids. 

The octahedral arrangement of ligands around the central element is 
sometimes distorted; in order to understand the distortion, it becomes 
necessary to consider the electronic configuration of the central element. 
The arrangement of ligands is found to be regular if the electric field due 
to non-bonding d electrons is symmetrical. On the other hand, if this 
field is not symmetrical, the octahedral arrangement of the ligands is 
likely to be distorted. 

The field due to the non-bonding electrons is perfectly symmetrical 
only if both the dy and dẹ sets are symmetrical. The condition for either 
of the two sets of d orbitals being symmetrical is that it should be 
. completely unoccupied, completely full, or half full (i.e. each component 
orbital occupied singly). So the electronic configurations which are 
symmetrical are d o d ? (only in the weak-field case), d*y, and d?e, d : 
and d®,.. It should be noted that in the strong-field case d 4) 18 
unsymmetrical because of spin-pairing in the dy orbital. 

In Table 6.5 are listed the different possible electronic configurations 
for the ion of ad block element when it is octahedrally surrounded by six 
ligands. The configurations differ depending on whether the ligands are 
associated with strong or weak field, because, as has been mentioned 
earlier, the former causes spin-pairing whereas the latter does: not. It is 
_ evident from Table 6.5 that the d, orbitals of the metal atom are 

occupied before the dy orbitals (which is because de orbitals are farther 
removed from the negatively charged ligands producing the repulsive 
force) both when the ligand field is weak and when it is strong. Hund’s 
rule is obeyed in the weak field case so that the d orbitals (i.e. dg orbitals 
followed by dy orbitals) are at first singly-occupied by the filling 
electrons, after which the double filling occurs, first of the d orbitals and 
then of the dy orbitals due to the same aforesaid reason. In the 
strong field case, however, Hund’s rule is not obeyed, as is borne out by 
the fact that the d, orbitals are completely filled up (thus involving 
double filling) PSO the filling of dy orbitals can start; this is because the 

y orbitals, lying as they do along the directions of approach of ligands, 
are subjected to strong repulsion forces due to the ligands. 
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Since the directions of the dy orbitals of the central atom correspond 
with the directions of the ligands disposed octahedrally around the atom, 
the octahedral arrangement of the ligands is likely to be more severely 
distorted by the dissymmetry of the dy orbitals than by that of the de 
orbitals. Table 6.5 discloses that such a distortion originating from the 
dissymmetry of the dy orbitals is likely when the configurations are as, 
d?—spin-paired (i.e. dêg d'y) and d*— spin-free (i.e. d? gda); and this 
expectation has been amply proved by a large number of observed cases. 


Table 6.5 The Sequence of Filling of the d-orbitals of an Atom when 
at the Centre of an Octahedral Ligand Field 


Weak ligand field Strong ligand field 
(spin-free) (spin-paired) 

No. of d Electronic Type of Electronic Type of 
electrons config. dissymmetry config. dissymmetry 
1 dd’ x ad°y x 
2 d*.d°y X di.d°y X 
3 dedy F dedy FE 
4 d@.d'y XX d3.d°y xX 
5 @,d*y D d5.d°y X 
6 d$, edar 0.4 d$, dy ooh 
7 d5,d?y y dedy XX 
8 d*,d*y — d*.d*y XX 
9 d*.d*y XX dsd" XX 
10 d§.dty — dsd*y a7 


Note: Those electronic configurations which cause unsymmetrical 
force fields are indicated by X and XX: X when dissymmetry is due 
to the dẹ orbitals and XX when it is due to the dy orbitals 


Distortion of the octahedral arrangement of ligands is caused by a metal 
ion of electronic configuration d*when the ligands are associated with a 
weak field, e.g. halogen ions; but for d 7_-configuration the distortion 
mentioned is produced when the ligands exert a strong electrostatic field, 
e.g. cyanids ions. However, irrespective of whether the ligands exert a 
strong or weak electrostatic field, the octahedral arrangement of ligands 
is always distorted by a metal ion having the configuration d”. 

Distortion arises mainly from the repulsion of- ligands by electrons 
occupying dy orbitals. Considering, for example, the configuration 
a od 1), the single electron in the set of dy orbitals occupies the d?, orbital, 
and so when the ligands approach the central metal ion octahedrally 
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they can do so more closely along the directions of x-and y-axes (since 
there are no electrons in d, 7 orbital) than along the z-axis; thus the 
ligands approaching along the direction of z-axis remain at a greater 
distance from the central metal ion than do the remaining four, and this 
amouts to a distortion of the regular octahedral arrangements of ligands 
poised at equal distances from the central metal ion. The distortion 
produced by d 7. and d configurations can also be visualized in a similar 
way. 

In both the weak and strong field cases, the configuration d? is given by 
dê; d?y. Whereas in the former case there is no dissymmetry, in the latter 
case, however, on account of spin-pairing within the dy orbitals, both 
electrons occupy the d , ? orbital, the d x- y? orbital remaining unoccu- 
pied; consequently the repulsion of the ligands by the 9z? orbital 
becomes great enough to render even a distorted octahedral arrangement 
impossible, or to express differently, the two ligands lying on the z -axis 
are repelled by the electrons in the d,2 orbital to ‘infinity’ with the result 
that, in effect, a square planar arrangement with four ligands results. 
Experimental evidence for the square planar arrangement for the d? 
electronic configuration has been obtained for several compounds of Ni 
(Il). It should be noted, however, that if the ligand field is weak the dé 
configuration can afford a regular octahedral arrangement. 


Tetrahedral ligand field. When four ligands approach the central 
metal ion tetrahedrally, the directions of their approach coincide exactly 
neither with the d} nor the d, set of-orbitals. Nevertheless, these approach 
directions correspond more closely with the de than with the 4 ‘set. This 
is evident from Fig. 6.36. The central metal ion is at the centre of the 
cube; the dy orbitals are concentrated along three directions which are 
perpendicular to each other and pass through the face-centres of the 
cube, while the de orbitals are directed from the centre of the cube 
towards the midpoints of the cube edges [Fig. 6.36 (b) however, shows 
only the d,, orbital]. A line drawn through a position (i.e. an alternate 
cube corner) of a ligand to the cube centre (occupied by the central metal 
ion) makes angles of 54°44 and 35°16 with the directions of a d, orbital 
and those of a dẹ orbital respectively. This makes the situation with 
tetrahedral ligands an inverse of that with octahedral ligands. Thus the 
tetrahedral ligand field causes splitting of the d orbitals of the central 
metal ion into an upper triplet of dẹ orbitals and a lower doublet of dy 
orbitals, as shown in Fig. 6.37, but the effect is much smaller than for the 
octahedral case. The effect of orbital splitting in the tetrahedral field is 
clearly reflected in the sequence of filling of the d orbitals, as listed in 


Directions of dy orbitals 
Directions of one de 
orbital, viz.,dxy 


Fig. 6.36 (a) Arrangement of ligand ions@Qaround the central metal ion Mt? in a tetrahedral 
complex. (b) The directions of dorbitals in a tetrahedral complex in relation to the arrangement of 
ligands. 
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Table 6.6. It follows, therefore, that the distortion of a regular tetrahedral 
arrangement is more likely to be produced by the d, orbitals rather than 
by the dy orbitals. Since, however, the tetrahedral coordination is 
apparently less stable or energetically less favourable than the octahedral 
configuration, not only the configurations marked XX (i.e. unsymmetri- 
cally occupied de orbitals) but also those marked X (i.e. unsymmetrically 
occupied dyorbitals) generally fail to appear in tetrahedral coordination. 
Tetrahedral coordination is found for the compounds in which the 
central ion has one of the following configurations: d°, d 1 q2,d5,d’, 
or di0 . Of these , only the configuration of d! might be expected to 
produce distortion of the tetrahedral arrangement or it might even fail to 
exist, since it is associated with dissymmetry due to dy orbital. 


Se ed planar ligand field. ‘The splitting of the d orbitals in a square 
planar ligand field is shown schematically in Fig. 6.38. Since the d? ;? 
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orbital is concentrated just in the ligand directions, it is considerably 
increased in energy with strong field ligands. Considering, for instance, 


Table 6.6 The Sequence of Filling of the d orbitals of an Atom when at the Centre of a 
Tetrahedral Ligand Field. 


Weak ligand field Strong ligand field 
(spin-free) (spin-paired) 
No. of d Electronic Type of Electronic Type of 
electrons config. dissymmetry config. dissymmetry 
1 d! ydg. x dl yd% x 
2 d? vd 2 d2 d0, — 
3 d? yd!g XX a3 yd, X 
TRW d2 ydg XX at 440, = 
5 ad? yde — a4 yde XX 
6 a3 yd3, x at yde XX 
7 at yas, a3 at yd3, =a 
8 dt yate XX at yate XX 
9 dt yaðe XX dt yd5, XX 
10 at yds aa d4 yde 23 


Nore: The configurations marked 4’ and XX have dissymmetry due to unsymmetrical occupancy of 
the dy-and dg -orbitals respectively. 


the complex ion[Ni (CN,)]-2in whick the central metal ion has the 
configurationld8 and is surrounded by four strong field ligands, CN“, in a 
square planar arrangement, the d,2_,2 orbital remains unoccupied and 
all the eight d electrons are paired in the lowest four orbitals. It might be 
mentioned that earlier we visualized the square planar ligand arrange- 


ment as stemming from excessive distortion of the octahedral arrange- 
ment. 
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Ligand Field Theory In applying ligand-field theory we need to 
formulate delocalized MO’s with a symmetry appropriate to the complex 
being treated. The choice of metal AO’s suitable for use in achieving the 
desired symmetry is limited to (2 — 1) d AO’s (n is the principal quantum 
number of valence electrons) and the ns and np AO’s Table 6.7 lists the 
appropriate metal orbitals to be used for a given symmetry and the type 
of ligand AO involved in bonding. The idea of covalency in complexes is 
arrived at by the fact that the MO’s are always mixtures of both metal 
and ligand orbitals. Considering first an octahedral metal complex 
containing six ligands, let us assume that each ligand has available an 
AO ofø -symmetry which can be used in forming delocalized MO’s. 
These e AO’s might be, for example, the p orbitals of halogens or the lone 
pair sp3 hybrid of an ammonia molecule. Figure 6.39 shows schematical- 


bitals and metal AO’s used in forming MO’s for an 


Fig. 6.39 Symmetry combinations of ligand Ø or 
octahedral complex. 


ly the symmetry combinations of the ligand a AO’s and the appropriate 


metal AO’s used in forming MO’s for an octahedral complex. 
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Table 6.7 Metal orbitals used in LCAO-MO Treatment of Complexes 


aee Ue EEE yESSSI ENE SESS 


Structur With ligand With ligand 
Complex f o orbitals Norbitals 
arer. 
Square planar dx2-y2,5, es Py Py 

dy2 -y2, dz2, Bs Py dyz dyz 
O EEIE A A O IE S E S 
Tetrahedral s, Pyr by» be Dye by» Pz 

ad 7h dxe a ye All d orbitals 
Octahedral 5 Pp by byr &2 -y2 ; be by By» 

d,2 dy, dyz» t yz 


Following the LCAO -MO method (Section 6.4) proper linear 
combinations of symmetry-adapted AO’s are formed to yield MO’s of the 
general form: 

Wmo =Cm Ym +CLY¥L : (6.40) 
where Yy and Y, are the proper metal and ligand AO’s entering the 
MO under consideration. The coefficients Cy and Cy are subject to the 
normalization and orthogonality conditions. The energy of each molecu- 
lar orbital wave function ¥ MO is then calculated. The energy level 
diagram for the metal and ligand AO’s and the resulting ø AO’s is 
shown in Fig.6.40, It is seen from this diagram that the to, orbitals (4; y 
d,,, dy,) are not affected by the bonding, while the eg orbitals (d,2 and 
d,2 ae 2), on combination with the ligand orbitals produce two degenerate 
bonding MO’s ( ,2, ,2_,2) and two degenerate antibonding MO?’s 
( W32, W%2_,2). The electrons must now be distributed among these 
orbitals in accordance with Hund’s rule for degenerate orbitals. 

The six ligands in an octahedral complex contribute two electrons 
each and these 12 electrons are paired in the lowest six MO’s. The d 
electrons of the metal atom occupy the next lowest lying orbitals. This 
result is essentially the same as that we found earlier from the 
crystal-field theory (cf. Fig. 6.34), namely that there are available for the 
d electrons in an octahedral complex a lower triply degenerate set of 
orbitals (¢,), the dxy, dyz and dyz AO’s, and an upper doubly 
degenerate set, the y#,2 and W2_,2 orbitals. A difference now is 
that the upper doubly degenerate sets represent antibonding MO’s rather 
than AO’s. Thus the splitting of the d orbitals which in the crystal-field 
theory, discussed earlier, arose due to electrostatic interaction with the 
ligands now comes about through combination with ligand orbitals. 
Treatment of tetrahedral and square planar complexes similarly 
produces results which are in essential agreement with those of the 
electrostatic approach. 

It is easy to see that octahedral complexes with the configuration d ? 
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Fig. 6.40 Energy diagram of MO’s (bonding 6 and antibonding g *) involved in the formation of an 


octahedral complex. 


d7 spin-paired (low spin) and d4 spin-free (high spin) will have an odd 
number of electrons in the antibonding MO’s, y*,2and y*2_,2. This 
results in a distortion of the complex and splitting of these orbitals 
thereby removing the degeneracy (Jahn-Teller effectt). For example, a a9 
complex has three electrons in these antibonding MO’s, so that either of 
the configurations (wea)? (4*2 _y2) or yD (Wi2 42)? is possible, The 
first configuration implies that there is more antibonding in the 2- 
direction than in the x-and y-directions, while the second implies 
the opposite. Since more antibonding character of a bond implies a 
weaker and hence longer bond, the two configurations would lead to 
distortions of the octahedral shape in different directions, as indicated in 
Fig. 6.41. Energetically this means that the degeneracy of the antibond- 
ing MO’s, WF2 and y*,2—y2> will be removed. According to the concepts 
of the ligand-field theory not only can the ¢g metal orbitals (dz2, 4x2—y2) 
form o MO’s with ligand orbitals, but there is also the possibility of 
n-bonding with the tog metal orbitals (dxy , xz > d; ) which have the 
correct symmetry (see Table 6.7). Figure 6.42 illustrates the way in which 
a dy, metal orbital can combine with p, and p, ligand orbitals, provided 
the metal and ligand AO’s do not differ too much in energy. This gives 
rise to n-type delocalized MO’s. 


r molecule with an orbitally degenerate ground 


+ The Jahn-Teller theorem states that a non-lineal 
he orbital degeneracy of the ground state. 


state is not stable and should distort itself so as to remove t 
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(a) (b) 


Fig. 6.41 Splitting of €g antibonding MO's in distorted octahe- 
dral field (Jahn-Teller effect): (a) Extension in x- and y-direc- 
tions; (b) extension in z-direction. 


The effect of 7- interaction on ligand-field splitting is i i 
i l t plitting is illustrated in 
Fig.6.43. On the left is shown the situation when the ligand n orbitals 


~*~ sta Combination of dx) AO with ligand 7 


are fully occupied; the t% orbitals are now raised in energy thereby 

decreasing the value of ligand-field splitting, ^A, over that without 
_ ™ -bonding. On the right is shown the situation when the ligand 7% ° 

orbitals are empty, which results in a stabilization of the molecular 


Eri afa >r RATY: =A 
zun Hite | A AN 
n mH sh 


HHH 
Ree 


Energy 


Filled Complex MO's Filled Complex MO's Empty 
ligand T ligand T metal ligand T ligand T 
orbitals election donor orbitals election acceptor orbitals 


Fig. 6.43 Energy levels for 7 -bonding with donor and acceptor ligands. 


orbital mainly based on the metal; the d electrons occupy the bonding 
tæ orbitals which are lower in energy than the original ¢y, orbitals, thus 
increasing the ligand-field splitting 4 . This describes a situation. in 
which ligand z orbitals can act as electron acceptors, and accounts for the 
large ligand field splittings observed with some ligands, e.g cyanide ion 
and orthophenanthroline. Such an interaction is called. x - back- bonding 
(or m-back- donation) and the appropriate ligands are referred to as acceptor 
ligands. 

The cyanide ion is a unique ligand in that it usually produces a larger 
Athan any other ligand. The cyanide ion, although it has no emptyz 
orbitals of low energy, does have antibonding n* orbitals of only slightly 
higher energy (Fig.6.44). The * orbitals have just the right symmetry to 
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combine with the tæ orbitals of the metal in an octahedral complex; 
electrons in the ¢2 orbitals which are released towards them are said to 
undergo 7 -back -donation to the ligand. The resultant fall in the energy 
of the tpg orbitals increases the gap (A) between this energy and the 
energy of the eg orbitals (see Fig. 6.43). Thus, according to the MO 
theory, it is the strong electron accepting property of the cyanide ion that 
places it at the head of the spectrochemical series. 

The acceptor ligand offers the possibility to the metal atom to get rid 
of its excess charge accumulated throughs -bonding. Clearly, the effect of 
n-back-donation is to increase the covalent character of the bond between 
the metal and the coordinating atom of the ligand, thereby strengthening 
the bond. In the above example, the strength of the M—C bond is 
increased; however, at the same time, the C—N bond is also weakened a 
little because of the partial filling of its antibonding orbitals, The 
strength of the C—N bond should therefore be different in cyanocom- 
plexes of different metals; this can be demonstrated by infrared 
spectroscopy (Section 10.7) 

Metal carbonyls, which are neutral molecules having carbon monoxide 
ligands, fall in the above category. The formation of stable carbonyls can 
thus be explained by appreciable double bond formation involving the 
n-antibonding orbitals of the ligand (see Section 6.6). Being a neutral 
molecule, carbon monoxide would indeed be a better electron acceptor 
than the cyanide ion and so would be able to stabilize the metal atom as 
well as or even better than cyanide. 


Metal atoms also form complexes with unsaturated hydrecarbon 
molecules involving a rather different type of bonding. Structural 
information gathered about these compounds shows that the double-or 
triple-bond axis of the ligand is perpendicular to the metal-ligand axis. 
Figure 6.45, for example, shows the structures of two compounds 
obtained from ethylene and a chloroplatinate. While the bond arrange- 
ment around the platinum atoms is approximately square, the bonding 
from the metal atom to the ethylene molecule is perpendicular to the 
carbon-carbon bond. The highest energy electrons lie in the MO; the 
unfilled antibonding n * MO’s [Fig. 6.46 (a)] are however only of slightly 
higher energy. Bonding with the metal can be described as due to overlap 
of a metal d orbital with the filled z orbital of the carbon-carbon bond 
and back-donation from a metal d orbital of correct symmetry to the 
unfilled n * orbital [Fig. 6.46 (b)]. Transition-metal organometallic 
compounds containing similar n bonds have been prepared from a 
variety of olefinic hydrocarbons, usually by their direct contact on 4 
metal halide or a complex such as a carbonyl. 
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Fig. 6.46 (a) Ethylene molecule, with filled 7 Grbitals and unfilled 7* 
orbitals. (b) Bonding of ethylene to a transition metal by overlap of the 
filled 7 orbital with metal d orbital, the system being stabilized by back 
donation from the metal to the unfilled 7™ orbital. 


Another class of metal-olefin compounds is that in which cyclic olefinic 
or aromatic compounds act as ligands. Some of these compounds, for 
example, bicyclopentadienyl iron, Fe (C5H5)2, commonly known as 
ferrocene, are exceptionally stable. Ferrocene forms stable crystals which 
vaporize without decomposition. Cyclopentadiene derivatives of more 
than fifty metals have been made. In the majority of these compounds 
the metal is bound to the ring by 2-bonding. Metal-olefin coordination 
compounds, ‘especially those with two-ring systems, have been given the 
descriptive name sandwich compounds, which follows from their structure. 
The structure of ferrocene (Fig. 6.47 (a)], for example, consists of two 
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Fig. 6.47 Structures of sandwich compounds: (a) 
ferrocene and (b) dibenzene-chromium. 


planar C,H, rings with an iron atom sandwiched in between; in 
Corresponding benzene compounds, such as dibenzene chromium, Cr 
(C6 H6)2, the metal atom is sandwiched between two planar benzene 
rings [Fig. 6.47 (b)]. 
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6.12Magnetic MomentandElectronic Arrangement in Complex Ions 
Much information has been obtained about the arrangement of electrons’ 
in ions from magnetic moment measurements. The magnetic moment of 
a substance can be measured with the magnetic balance by comparing | 
the weight of the substance, when suspended so that part of it is in a 
strong magnetic field, to the weignt when it is free of the magnetic field. 

Substances having a negative magnetic susceptibility are said to 
be diamagnetic. When suspended in a magnetic field, a diamagnetic 
substance tends to orient itself at right angles to the field. In a 
nonuniform magnetic field it tends to move towards the weaker part of 
the field. Substances with a positive magnetic susceptibility are said to be 
paramagnetic. Paramagnetic substances tend to be oriented parallel to a 
magnetic field. In an inhomogeneous magnetic field they tend to move 
into the region of higher field strength. Substances whose magnetic 
susceptibility is very large and positive, and whose magnetic moment 
does not fall to zero when the applied.magnetic field is removed, are said 
to be ferromagnetic. 

The evidence regarding the electronic arrangement in ions is based on 
the theoretical principle that those substances in which all electrons are 
paired are diamagnetic, while those with unpaired electrons are para- 
magnetic. Moreover, the magnétic moment u of a paramagnetic ion 
containing n unpaired electrons is given by Ho Va(n+2), where Ho 
represents one Bohr magneton (BM)*, which is the unit of magnetic 
moment. So ions containing 0,1,2,3,4 and 5 unpaired electrons will be 
expected to have magnetic moments of 0, 1.73, 2.83, 3.87, 4.90 and 5.90 
Bohr magnetons, respectively. A direct experimental measurement of the 
magnetic moment of an ion can therefore give information as to the 
number of unpaired electrons in it. 

Compare, for instance, the electronic configuration of a free Fe +2 jon 
with that of the Fe+2 surrounded by strong-field ligands, such as the 
ferrocyanide ion [Fe(CN), |-+. The electronic configuration of the 
Fe+2 ion is shown in Fig. 6.18, omitting the inner electrons, which are 
however all paired. It is seen that there are four unpaired electrons’ in 
Fe+2 ion and so the expected magnetic moment of compounds 
containing this ion would be 4.90 BM; the measured magnetic moment 
of hydrated ferrous sulphate is, in fact, 5.25 BM. However, in the Fe +? 
ion octahedrally coordinated by strong ligand field, the electrons 
rearrange and are all paired, as shown in Fig.6.18. It would therefore be 
expected that the ferrocyanide ion would be diamagnetic; this is found to 
be so experimentally. 

*An electron revolving in an orbit is li s ; i 
magnet. The foment of neha ge T ce iain ei as such behaves as 4 


Here e represents the electronic charge, / is the Planck constant, m is the mass of an electron, and ¢ 
, 


is the velocity of light. This is i ` 5 
magneton. i a natural unit of magnetic moment and is referred to as a Bohr 
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Consider again the electronic configurations of the free Fe + 3 ion and 
of the Fe +3 ion octahedrally surrounded by ligands, as shown in Fig. 
6.35. There are five unpaired electrons in the free Fe+3 ion and the 
calculated magnetic moment of 5.92 BM corresponds with the measured 
values for ferric compounds, e.g. 5.86 BM for ferric sulphate. In an 
octahedral complex involving weak field ligands, e.g. in (FeFg)-3, the 
Fe+3 ion still has five unpaired electrons which should lead to a 
magnetic moment of 5.92 BM; the measured moment of (FeFe Mie is, in 
fact, 5.98 BM. On the other hand, in an octahedral complex involving 
strong field ligands, e.g. in [Fe(CN)6] 7’, Fe*+3 has only one of the 3d 
electrons unpaired. This should lead to a magnetic moment of 1.73 BM; 
the observed value for [Fe(CN)¢] ° is 2.40 BM. We thus see that the 
weak-field case and strong-field case can be conveniently differentiated 
by magnetic moment measurements. 
Magnetic moment measurements can also lead to the elucidation of. 
configuration of metallic complexes. Classic examples are provided by 
planar and tetrahedral complexes of nickel. Thus, whereas Ni +2 
forming four tetrahedral sp? bonds has two unpaired 3d electrons, and so 
will be paramagnetic, Ni +2 forming four square coplanar dsp? bonds ,. 


has none (Fig.6.39) and so will be diamagnetic. It was on these 


considerations that Pauling first pointed out that diamagnetic complexes 


of 4-coordiante Ni+2 should be planar; this was, in fact, confirmed later 
by structural studies. 
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Problems 


6.1 Write the electronic configurations in MO terms for the following diatomic molecules: 


(a) LiH, (b) HI, (c) CIF, and (d) SO. i 
6.2 State which a 3 2 ahd Nope would expegf>to have the higher bond energy, and give your 
reasons, 
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6.3 The binding energy of N is less than that of No, whereas the binding energy of 03 is greater 
than that of O5 How would you explain this in terms ot the MO concept? 

6.4 Show that the four equivaient sp3 hybrids are oriented in space tetrehedrally, the angle between 
cach pair being 109°28. 

6.5 The methyl radical is planar. Discuss its orbital structure and the location of the unpaired 
electron. 

6.6 How does the hybridization of the ring carbon atoms change when benzene is hydrogenated to 
cyclohexane? 

6.7 The molecule of cyclo-octatetraene adopts a non-planar boat structure and has a polyolefinic 
electronic character with alternate double and single bonds. Discuss the nature of the bonding in this 
molecule. 

6.8 Sketch a molecular orbital picture of allene (CH) =C = CH9). 

6.9 Describe the nature of the hybrid orbitals of the metal atom used in the following: 

(Cr04y2, (MnO ap [Ni (H70)? [Ni(CN),]-2, and VF5. 

6.10 Show the valence bond diagram and disposition of d electrons for the following complexes: ` 
[Ti(H0),I*3, [V(H0)_]*3, [Cr(CN)g| Sand [Mn(CN),}-3 

6.11 Show the disposition of electrons of octahedral complexes with one to ten d electrons. 
Distinguish between low spin (or spin paired) and high spin (or spin free) cases. Indicate in each case 
the number of unpaired electrons. Repeat the same for tetrahedral complexes. 

6.12 Account for the fact that cyanide ligands cause a large ligand-field splitting in complexes. 

6.13 Explain the bonding in [Ni(CN),]" 2and [Ni(CO) ]. Compare the bonding characteristics of 
CN’ and CO ligands. 4 

6.14 Discuss the nature of bonding in metal-olefin complexes. y 
6.15 The complex ions [Mn (CN) 4, [Mn(CN),]-3, [CO(NH,),}*+? and [CO(CN) 4 have 
octahedral structures. Predict their magnetic moments. 


Chapter 7 


| Valency, Ionic Bonds and 
Covalent Bonds 


7.1 Introduction 


Valency, in its broadest sense, is a term used to describe the power or 
ability of elements to combine with one another. Frankland’s suggestion, 
in 1852, that an atom of an element.possessed a certain ‘combining power’ 
that determined the number of atoms of another element with which it 
would combine led to the idea of the valency of an element being expressed 
as a number that gave a quantitative measure of the ‘combining power’ 
of the element. Hydrogen being chosen as the unit of ‘combining power’, 
the valency of an element was defined as the number of atoms of hydrogen 
with which one atom of the element could combine (or which it could 
replace in a formula). However, oxygen (with a valency: of 2) was also 
adopted as an alternative reference element, since oxides of many elements 
could be more easily studied than hydrides. The terms ‘oxidation number’ 
and ‘oxidation state’ which originated in this way are often used to this . 
day, especially for metals, even though these terms may have no logical 
connection with oxygen as such. Seemingly, had fluorine chemistry deve- 
loped-at an earlier date, fluorine with its valency of one and power of 
combining with all elements except inert gases (?) would have been the 
obvious choice as reference element. 

The idea of valency as a number is a useful one; by assigning the correct 
valency number (or numbers) to each atom or radical it is possible to 
build up the correct formulae for many chemical compounds. It might 
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be noted, however, that on the ideas of modern valency theory it is not 
possible always to express the valency of an element as a number. 
Formulae in terms of valence number convey no information as to 
the nature of the valency bonds present in the compounds or as to the 
mechanism of the formation of such bonds. Modern valency theory, 
however, accounts for the mechanism of formation and provides much 
information regarding the nature of the bonds. 

The development of modern views on valency and bond formation 
which was necessarily linked to the development of the theory of atomic 
structure may be said to have started with the discovery of the electron. 
J. J. Thomson himself was of the view that valency must be associated 
with electrons. He put forward the suggestion, by about 1904, that 
valency bonds or links between atoms might be formed by electrostatic 
attractions resulting from the transfer of electrons from one atom to 
another. Earlier, Mendeleev had indicated, in developing his periodic 
table, a relation between valence number and the group in which the 
element was placed. It is a significant feature of the periodic table that 
the valence number of an element is often equal to its group number or 
to eight minus the group number. For example, nitrogen occurring in 
group five has valencies of +- 5 and — 3, as in N,O; and NH, respectively. 
The suggestion that if an element has two valencies then their sum (sign 
not considered) will be equal to eight was put forward in 1904 by Abegg as 
the so-called ‘rule-of-eight’. He ascribed to each element positive and 
negative valence numbers (both maximum) such that the sum of their 
absolute values is eight and the positive valence is equal to the group 
number. The significance of Abegg’s rule-of-eight was pointed out by 
Drude (1904) who put it into essentially modern terminology by suggest- 
ing that ‘Abegg’s positive valence number v signifies the number of loosely 
held negative electrons in the atom; his negative valence number v’ means 
that the atom has the power of removing v negative electrons from other 
atoms, or at least attaching them more firmly to itself’. 

Further progress in the development of valency theory.was possible 
only after Mosley had established the concept of atomic number in 1913, 
for then the number of electrons inian atom became known. The special 
stability of a complete outer octet of electrons was at once evident, since 
all the inert gases (with the exception of helium) have the electronic 
structure of ns°up* in the outermost shell. It followed from this that atoms 
of other elements with atomic numbers close to those of the inert gas 
elements would, in order to become more stable, tend to achieve these 
structures through the involvement of their outermost electrons. Two 
important papers published independently by Kossel and Lewis in 1916, 
to which all modern views may be traced, were essentially the outcome 
of these considerations. 

Kossel pointed out that those elements just following the inert gas 
elements in atomic numbers could attain an inert gas structure by losing 
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electrons and forming positively charged ions. These elements would 
thus show tendencies to possess positive valence numbers. Likewise, those 
elements just preceding the inert gas elements in atomic numbers could 
achieve an inert gas structure by gaining electrons and hence forming 
negatively charged ions. These elements would therefore be expected to 
have tendencies to possess negative valence numbers. On this basis, 
Kossel proposed that when atoms of such elements enter into chemical 
combination they lose or gain sufficient electrons to achieve the elec- 
tronic structures of inert gas atoms and that the compounds so formed 
are ionic in character, consisting of ions held together by electrostatic 
attraction. The valence number is then equal to the ionic charge or the 
number of electrons lost or gained. Though many simple compounds can 
be formulated on Kossel’s idea of ionic bond formation, there are also many 
compounds which cannot be fitted into this concept, either because they are 
non-electrolytes, e.g. carbon tetrachloride, or because the atoms constitut- 
ing the molecule are the same (e.g. in diatomic chlorine) so that neither 
of the atoms whould be expected to transfer an electron to the other. 
However, this difficulty was overcome, in a large measure, by the 
concept advanced by Lewis that atoms might attain inert gas structures 
by sharing electrons, the shared electrons between any two atoms being 
considered as belonging to both atoms and contributing to inert gas 
structures for both. Each shared pair of electrons constitutes what is known 
as a covalent bond. The term <covalence’ was suggested by Langmuir to 
describe the sharing of electrons as opposed to electrovalence to describe 
complete transference of electrons. The compounds described in terms of 
covalence are non-ionic in character, the essential opposites of ionic 
(electrovalent) compounds treated by Kossel. i 
The Kossel and Lewis concepts were the foundations of the electronic . 
theory of valency- Subsequent developments in valency theory centred 
largely in extensions and modifications of these two concepts and their 
incorporation into quantum mechanical theory- The electrovalent and 
covalent bonds as envisaged in the Kossel and Lewis concepts are, 
however, not the only types of chemical bonds. The concept of the 
chemical bond as a force, holding groups together atonce makes it apparent 
that there may exist a variety of such forces, and consequently, bonds of 
various types. These may be conveniently classified as: 
(A) Electrostatic type 
(i) Ionic or electrovalent bonds 
(ii) Dipole attractions 
(iii) Hydrogen and hydroxyl bonds 
(B) Non-electrostatic type 
(i). Non-ionic or covalent bonds 
(ii) Coordinate or dative covalent bonds 
(ii) Van der Waals and long-range bonds 
(G) Metallic bonds, 
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7.2 Tonic or Electrovalent Bonds 


The bonding force constituting the ionic bond arises from the electrostatic 
attraction between the oppositely charged ions. It is, therefore, necessary 
to consider the conditions which promote the formation of ions of the 
various elements. 


(a) Inert gas structure. One important consideration, as we have 
already noted, is the possibility of attaining an inert gas electronic 
structure. Considering, for instance, the electronic structures of chlorine, 
argon and potassium, 

Cl 1s22s32p83s33pë or 2.8.7 

Ar 2.8.8 

K 2.8.8.1 
it is apparent that if the 4s electron is transferred from a potassium atom 
to a chlorine atom then both will acquire the electronic structure of 
argon, viz. 2.8.8. The donor potassium atom, by losing an electron, will 
gain a positive charge and thus form a cation while the chlorine atom, 
on acquiring this electron, will form a negatively charged anion; and the 
two ions will be held together by electrostatic attraction. A compound, 
potassium chloride, is thus obtained, in which both ions have acquired 
inert gas type of electronic structure with its consequent stability. 

In many cases more than one electron requires to be transferred in 
order to achieve the inert gas structure. Thus, aluminium, having the 
electronic structure 2.8.3, loses three electrons to assume the structure 
2.8, which is that of neon; oxygen, on the other hand, having the struc- 
ture 2.6 gains two electrons to become 2.8. In the formation of the 
compound aluminium oxide’ from Al*® and O-2 ions, consideration of 
psina neutrality, moreover, requires that they combine in the ratio 
of 2:3. 

In brief, the following ions which attain inert gas structures in this 
way may be distinguished: 

N=, O73, F- —> Ne 4— Nat, Mg*®, Alt? 

S-73, Cl- —-> Ar <— K+, Cats, Sc+a 
Se~*, Bro —> Kr <— Rbt, Sr+2, Y+3, Zr+a 
Te-*, I- —-—> Xe 4— Cst, Bat?, Lat, Ceta 
, At- —> Rn <— Frt, Rat?, Act8, Thte 
The two-electron helium structure is attained by H-, Lit, and Bet?. 


(b) 18-Electron group structure. So far as negatively charged ions 
(anions) are concerend, the only ions known are those with an inert gas 
structure. But among cations there are many which do not have inert gas 
structures. To account for the formation of such cations it then becomes 
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necessary to attribute stability to some electronic structures which ‘are 
not those of inert gases. Since many of the elements in the B sub-groups of 
the periodic table form ions having 18 electrons in the outermost shell, 
this electronic arrangement must have a certain degree of stability. 
Zinc, for example, having the electronic configuration 2.8.18.2 loses two 
electrons to form a zinc ion Zn*? with the configuration 2.8.18, and copper 
(2.8.18.1) forms the cuprous ion Cut with the same configuration 2.8.18; 
the configurations of Cdt? and Hg*? are 2.8.18.18 and 2.8.18.32.18, 
respectively. It might be noted, however, that an ion with an 18-electron 
group structure is less stable than an ion with an inert gas structure. 
Thus, for instance, the Cat? ion, which. has the inert gas structure 2.8.8, 
is formed with greater ease than the Zn*? ion with the structure 2.8.18. 

The elements copper, silver and gold exhibit variable valency, as 
shown below: ` 

Cu 2.8.18.1 Ag 2-8.18.18.1 Au 2.8.18.32.18.1 

Cut 2.8.18 Agt 2.8.18.18 Aut 2.8.18.32.18 

Cu+22.,8.17 Agt? 2.8.18.17 Aut? 2.8.18.32.16 

The Ag* ion is more stable than the Agt? ion, but Cut? is more 
stable than Cut; and of the ions ‘Aut and Aut’, the latter is more 
stable. This means that the arrangement of 18 electrons in the outermost 
shell does not necessarily connote stability. This is possibly due to the 
nuclear charge not being high enough to hold firmly the group of 18 
electrons in the outermost shell. That trivalent ions of zinc, cadmium 
and mercury are not known (which means that none of the 18-electron 
group in the respective divalent ions ionizes) may then be attributed to 
stronger nuclear attractions firmly holding the 18 electrons in the outer- 
most shell. ` 

Some of the B sub-group elements which would be expected to form 
only ions with an 18-electron group do, in fact, form other ions too with 
18-plus-2-electrons outer arrangements. These ions retain two of the 
valence electrons, i.e. two valence electrons do not play their full part in 
ion formation. Such electrons are known as an inert pairs they amount to 
a pair of s electrons in the outermost shell for which sufficient energy to 
cause unpairing has not been supplied. A ; 

Generally speaking, however, the inert pair effect is observed in the 
heavier B sub-group-elements, namely, those in the lower half of the table 
given. below: 

ie = Te Mite et 

Mg At. Si P s | a 

Zn Ga Ge] As Se Br 

Cd | In Sn Spi- tTI 


MAESE TI Pb Bi E E 
Like the inert gases, mercury vapour is monatomic, which points to 
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mercury behaving as Hg (2.8.18.32.18.2). This may be attributed to 
the Güter Sélettron pair being inert. 

-TH atiy óne vertical series in the above table, the effect shows itself more 
markedly as one’ passes down the series. This will be illustrated with the 
foilbwitis examples: Thallium (Tl) with the electronic structure 2.8.18. 
32183 forms both the expected trivalent ion TI** (2.8.18.32.18) and a 
mio} ovalent ion TIt (2.8.18.32.18.2); likewise indium (In) in the same 
group forms both Int! and Int? ions. But, whereas TI* is more stable 
than TIS, as is evident from the fact that thallic salts are oxidizing agents, 
id ‘the’ case of indium, however, stability is achieved by the conversion 
of n* to Tats and the metal in the presence of water. Gallium (Ga), 
on the other hand, forms no monovalent compounds. 

~“ Both tin’ (2.8.18.18.4) and lead (2.8.18.32.18.4) form the expected 
tetravalent ions Sn*4 and Pb*4, and also divalent ions Sn*? (2.8.18.18.2) 
and Pbt? (2.8.18.32.18.2). The effect of the inert pair is however more 
marked in the heavier element, i.e. lead. Thus, Pb*? is more stable 
than Pbt4, whereas Snt4 is more stable than Snt®. This explains why 
plumbic oxide PbO, and lead tetrachloride are oxidizing agents whereas 
stannous oxide and stannous chloride are reducing agents. 

cAgain, antimony (2.8.18.18.5) and bismuth (2.8.18.32.18.5) both 
form» itrivalent ions Sb*? (2.8.18.18.2) and Bit? (2.8.18.32.18.2), and 
give: definite trivalent salts. But the effect of the inert pair is more prono- 
unced in the heavier element bismuth. Thus, for instance, bismuth does 
noti form a pentachoride, whereas antimony does. 

of byr ? 

(c) Transitional ion structure. A feature of transition elements is 
their variable valency. The formation of two or more ions by these 
elements is due tothe small difference in stability of two or more alterna- 
tive ionic structures. Considering, for example, the series iron. cobalt 
and nickel, the ions formed are: 


“ Fe(2.8.14.2) —> Fe*®(2.8.14) ——> Fet#(2.8.13) 
“ Co(2.8.15.2) > Co*#(2.8,15) —-> Co*#(2.8.14) 
°! Ni(2:8.16.2) —+> Ni*2(2.8.16) —-> Nit#(2.8.15) 


ai The formation of Ni*? is, however, doubtful. In fact, in this series of 
tron, cobalt and nickel, the divalent ion becomes more stable as one 
pesses from iron to nickel. It is reasonable to assume that this is due to 
the increase in the nuclear charge in this order so that the outer d elec- 
trons are held more firmly. 


The more stable an ionic structure is, the more easily is that ion formed. 
Of the possible ionic structures (a), (b) and (c), discussed above, the 
stability decreases from (a) to (c). The tendency of simple ions to form 

complex ions, however, increases in the order (a), (b) and (c). This trend 
is of Coursë ‘expected, since through the formation of a complex ion a 
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simple ion attemps to increase its stability; consequently, the more stable 
a simple ion is, the less tendency will it have to form complex ions. 

However, for the formation of an ionic compound the consideration 
which is more important than the one of attaining a stable electronic 
structure is that the compound in question should be energetically 
favourable. If the compound is exothermic and possesses high energy 
of formation it is likely to be stable. The energy of formation of ionic 
compounds can be computed by means of the so-called Born-Haber 
cycle, which is based on the assumption that the formation of an ionic 
crystal may occur either by the direct combination of the constituent 
elements or by an alternative process in which the reactants are vaporized, 
the gaseous atoms are converted into ions and the gaseous jons are then 
combined to give the product. The process is illustrated below by con- 
sidering the energetics of sodium chloride formation. 

The experimental value of the thermochemical heat of formation (Q) 
ofsodium chloride is 98.2 kcal/g mole, that is, when one g. mole of solid 
sodium chloride is formed from solid sodium and gaseous chlorine:!98:2 
kcal of heat is liberated. It is also possible to proceed from the same 
starting materials and derive the same product through :a series:of steps 
as follows: rth paddy oe9d3 Jo 
(i) First step. Formation of gaseous sodium atoms from solid sodium. 
Energy supplied is the energy of sublimation (S); and for-each-g.\atom: of 
sodium formed it is 26.0 kcal. amos MoTo As 
(ii) Second step. Removal of outermost valence electron from each 
gaseous sodium atom resulting in the formation of gaseous sodiiim) iofis; 
Energy is to be supplied for this process and it is equal to the ionization 
potential (J), namely, 119.1 kcal. Hminamitaqze 
(iii) Third step. Dissociation of chlorine molecules producing gascous 
chlorine atoms. The energy to be supplied for this process is) the :dissocia- 
tion energy D. Since, however, the formation of 1 g. mole, of sodium 
chloride (involving only 1 g. atom of chlorine) is being! considered, the 
value to be used is that of D/2, namely, 29.0 kcal. id 5f10e 
(io) Fourth step. Addition of an electron to each gaseous chlorine atom 
to form a chlorine ion. In contrast to the ionization ofthe second step, this 
process is, however, accompanied by liberation of energy and is kiown 
as the electron affinity (£). The energy liberated per g.. atom of chlorine 
is 91.0 kcal. ji mot bo 
(v) Final step. Formation of solid compound from gaseous ions.) Ene 
is given out in this process and is known as the lattice energy (Ua) For 
sodium chloridé U, is 181.3 kcal. egoik nurit basio 

Diagrammatically the process can be shown asin Figy Abe oil Os) 

Considering the magnitude of the terms in the cycle, depicted: in Fig. 
7.1, the most important ones are seen to be the ionization potential, the 
electron affinity and the lattice energy- Tf the jonization: potential ofione 
element is relatively low but the electron affinity of the other element and 
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NaCl 
Fig. 7.1 Energetics of the formation of sodium ċhloride. Note that 
a positive sign associated with an energy quantity indicates absorption 
of energy and a negative sign indicates evolution of energy. 


the lattice energy of the compound are both high, then the energy of 
formation will be large; and this condition would favour the formation 
of an ionic compound. In the following is presented a brief discussion 
of these three important properties. 


Ionization potential. This is defined as the energy required to remove 
an electron completely from a gaseous atom. As more and more energy 
is supplied to an electron, it ascends to successively higher energy levels 
till finally it moves out of the attractive force of the nucleus completely. 
The energy required up to this final stage is the ionization potential. 
Experimentally, it can be measured by spectroscopic methods. Usually, 
ionization potentials are expressed in electron volts [one electron volt 
(eV) is the energy acquired by an electron falling through a potential 
difference of one volt; 1 eV = 1.6 x 10-1 erg]. The ionization potential 
values tabulated for the various elements in Appendix 4 are expressed in eV. 

Some of the factors influencing the magnitude of the ionization 
potential of an electron are: 
(i) Distance of the electron from the nucleus. The greater is this distance the 
smaller is the ionization potential, since the attractive force exerted by the 
positively charged nucleus becomes smaller the farther the electron is 
removed from it. This is evident from the fact that if an atom is raised to 
an excited state by promoting an electron to a higher energy level, i.e. 
to.a greater distance from the nucleus, then that electron is more easily 
ionized than from the same atom in the ground state. 
(tt) Nuclear charge. The greater the charge on the nucleus the more 
difficult it is to remove an electron from its influence and hence the 
higher is the value of the ionization potential. 

In a vertical group of elements in the periodic table, the nuclear charge, 
i.e. the number of protons in the nucleus, increases with increasing atomic 
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number; its effect of augmenting the ionization potential is, however, 


‘more than balanced by the opposing effect of the increase in the distance 


of the valency electrons (i.e. outer electrons) that accompanies the: 
increase in the atomic number. So the net effect is the decrease of 
ionization potential with increase in atomic number within a vertical 

group. This is illustrated by the values of jonization potential (in eV) of 
the first electron for the alkali metals: Li 5.4, Na 5.1, K 4.3, Rb 4.2, and 

Cs 3,9. This trend is, however, less marked (and there are also exceptions 

to it) in the d-block elements. 

Considering again a horizontal group of elements in the periodic table, 

the increase in atomic number is accompanied by diminution of atomic 
size and increase of the nuclear charge, ‘both of which lead to an increase 
in the ionization potential of the outermost electron. Thisis illustrated by 
the values for the first ionization potentials (in eV) of the elements belong- 
ing to the first short period: Li 5.4, Be 9.3, B 8.3, C 11.3, N 14.5, O 13.6, 
F 17.4, and Ne 21.6. This trend is apparently broken at Be and N, both 
of which show values slightly higher than what would be expected. These 
higher values are possibly due to the stability of a full s-level and a half- 
filled -level respectively. 
(iii) The shielding effect of other electrons of the atom. The attractive force 
exerted by the nucleus on the most loosely held outer electrons is partially 
counterbalanced by the repulsive forces exerted by the inner electrons. 
The electron to be removed is thus shielded by the inner clectrons 
resulting in some decrease in ionization potential. The more numerous 
the inner electrons the more effective is the shielding, and consequently, 
the less is the ioniztion potential. So when successive ionization potentials 
of the same element are considered, the values will show large increase, 
since successive ionization reduces the number of electrons screening the 
nucleus, This is illustrated by the values quoted in Table 7A. 


Table 7.1 Ionization Potentials of some Elements 


_——_ 


Elemint Electronic Ionization potential, eV 
config. Ise 2nd 3rd, 4th 5th 6th 7th 


Li 192s 5.4 75.6 122.4 

Be 19829? 9.3. 18.2 153.9 217.7 

BIst2et2p2 83 25.1 37.9 259.3 0.1 

CG 1p2e2p 11.3, 244 47.9 64.5 592.0 489.8 

N 1stast2p? / 145 29.6 47.4 77.4 97.9 »551.9 666.8 


y 

Apart from the diminution of the screening effect, another effect of 
successive ionization by removal of the outermost electrons is to pull the 
remaining electrons nearer to the nuclues. This also must be a factor 
contributing to the large increase of ionization potential referred to above. 
The disproportionately large values of the 2nd, 3rd, 4th, 5th and 6th 
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ionization potentials of Li, Be, B, C and N respectively, are attributed to 
these elements attaining the configuration of the inert gas helium (1s?) 
at the respective stages. Similarly, the 3rd ionization potential of 
magnesium is greater than would be expected by comparison with the 
values for the Ist and the 2nd, as is evident from the following: 


Lonization potential, eV 


Ist 2nd 3rd 
Mg 7.6 15.0 80.1 


Here also this is attributed to the stability of the inert gas configuration; 
the removal of the two valence electrons from a magnesium atom produces 
a magnesium ion having the neon configuration, and hence the energy 
required to remove a third electron abruptly becomes greater. 

Summarizing, it can be said that the ionization potentials decrease 
from top to bottom in a group of the periodic table and also from right 
to left across a period. Furthermore, the smaller the number of electrons 
to be ionized the lower will be the ionization potential. And since low 
ionization potential favours ionic bond formation, as has been pointed 
out earlier, consideration of the aforesaid trends reveals which elements 
are likely to become cations in ionic compounds: In such a consideration, 
however, the stability of the configuration ns°np® should also be taken 
into account. a 
Electron affinity. The energy released when an electron is added to a 
neutral gaseous atom to from an ion is termed the electron affinity. Adding 
a second electron to an ion which already carries one negative charge 
always requires an input of energy, rather than its release, because of the 
repulsive force of like charges. 

Only halogens release energy when they are converted into anions. 
The electron affinity in these cases is, therefore, exoergic (i.e. energy 
given out) and hence favourable for formation of ionic bonds. The 
electron affinity for all the other elements (involving addition of more 
than one electron to form anions) is, however, endoergic (i.e. energy | 
absorbed). 

Only the electron affinities of most electronegative elments have been 
evaluated. This has been done with the help of the Born-Haber cycle, 
described above, by using thermo ynamic data for ionic compounds. 
Values so obtained are summarizéd in Table 7.2, which.alse<contains, 
for comparison, the directly determined values for halogens. a 

The electron affinity of an element is essentially the ionization energy 
of the negative ion with sign reversed and so the foregoing discussion on 
factors influencing the ionization potential may be extended to electron 
affinity also. It leads to the conclusion that the greater the nuclear charge 
and smaller the size of the atom the more highly exoergic (and hence 
more favourable for ionic bond formation) the electron affinity willbe. . 
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Table 7.2 Electron Affinities of some 
Elements 


Electron affinity (kcal/mole) at 25°C: 
Element By Born-Haber By direct method 


cyele 
F 82.7 83.5 
cl 91.0 87.3 
Br 81.8 82.0 
I 73.4 75.7 
(0) —168.0* — 
S — 79.4* — 
Se — 97.0* — 


e aaaŘŘŘĖŐ—— 


*For two electrons 


Lattice energy. At least three forces are operative in an ionic crystal 
on the balancing of which the stability of the latter depends. These are: 
(i) The electrostatic attractive forces between the ions, inversely propor- 
tional to the square of the distance; (i) van der Waals forces of attraction, 
inversely proportional to the seventh power of the distance, and (iz) 
interatomic repulsive forces, inversely proportional to an approximately 
tenth power of the distance. Thus the repulsive forces become significant 
at much shorter range than the attractive forces. The attractive and 
repulsive forces are shown in Fig. 7.2 together with their resultant (or 
sum). The distance fọ, corresponding to the minimum potential energy, 
represents the equilibrium value of the interionic distance in the stable 
crystal lattice. (At all temperatures, however, there occurs some thermal 
oscillation about the so-called equilibrium position and, again, when 
the thermal energy exceeds the potential energy of the lattice, free 
rotation can also set in.) 

Assuming that the potential energy of the ions, that are separated by 
an infinite distance, is zero (as shown in Fig. 7.2 by the extension of the 
curve to the right), the minimum potential energy (at To). becomes 
numerically equal to the lattice energy of the crystal. The lattice energy 
of an ionic crystal may, therefore, be defined as the decrease in energy 
that accompanies the process of bringing the ions from an infinite distance 
to their equilibrium positions in the stable lattice. Alternatively, the 
lattice energy of an ionic crystal may be defined as the energy released 
when a large number of positive and negative gaseous ions (representing 
a mole of the compound) are brought together from infinity into a, solid 
lattice to form one mole of the compound. Hence the lattice energy 18 the 
same ‘in magnitude but opposite in sign to the energy of dissociation of 
the crystal. It follows from this that the greater the lattice energy, 
numerically, the greater is the energy required to decompose the crystal 
into the constituent ions. A theoretical value of the lattice energy can 


be obtained from the relation 
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Potential energy ———— 
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Distance ——— 
Fig. 7.2 Potential energy of a crystal lattice 

272 
: om (1— 1)n) (7.1) 
' 0 
where U, is the lattice energy, e the charge of an electron, z the highest 
common factor of the valences of the two ions, N the Avogadro number, 
7 the interionic distance, n a constant called the Born exponent and A. 
a constant, called the Madelung constant. The Born exponent n can be 
evaluated from the results of experimental measurements of the .compres- 
sibility of the crystal. For all crystals the value of n is found to lie in the 
neighbourhood of 9. The Madelung constant is the geometrical correc- 
tion factor whose magnitude/is dependent on the geometry of the crystal 
lattice and can be evaluated by straightforward mathematical methods. 

It follows from Eq. (7.1) that if both ions are polyvalent the lattice 
cnergy will be large, because of the term z?. Since high value of lattice 
energy contributes to the increase of the heat of formation, the large 
charges on both ions would seem to be conducive to greater stability of 
ionic compounds. However, this is true in some compounds, but not in 
all, since the removal of successive electrons from cations is associated with 
increasing ionization potential (7) and the addition of successive electrons 
to anions involves endoergic electron affinity (E), both of which would 
compensate for the increase in lattice energy (U,) with corresponding 


Uy = 


Atomic Structure and Chemical Bond 187 
ettect on the neat or 1ormauon, as can be seen from Hess’s law applied 
to the cycle in Fig. 7.1, that is, 

—Q=S+1+D/2—E-U, (7.2) 

Moreover, if the cation is small, a closer approach of the two oppositely 
charged ions can oceur, and since this results in a larger value of lattice 
energy, the formation of an ionic lattice would seem to be favoured by 
the small size of cations. But a small metal atom (which will give a small 
cation) can also make the term I unfavourable for the formation of a 
stable ionic bond. So a very careful balancing of different factors is 
necessary in order to predict whether a given compound will be ionic 
or not. 

Values of $, J, D and E are usually readily available, so that the thermo- 
chemical heat of formation (Q) of a given compound can be calculated 
from Eq. (7.2), provided the lattice energy (Up) is known. For computing 
the value of U, from Eq. (7.1) a probable structure for the compound 
must be guessed in order to derive the Madelung constant and also a 
reasonable value of interionic distance must be assumed. An ionic 
lattice should be expected if the heat of formation, so obtained, is found to 
be highly exothermic. Otherwise, the compound is likely to become 
exothermic by forming a covalent lattice, to which, however, the afore- 
said procedure is inapplicable, since the lattice is not constituted of ions 
in this case. 

Summarizing, the formation of an ionic bond between the atoms will, 


in general, be favoured: 


(a) if the metal atom forms a cation bearing small positive charge and 
the ionization potential, i.e. the energy required to remove the valence 
electron(s), is small; 

(b) if the metal atom is large, because this gives rise to a low value 
for the ionization potential; p Neen 

(c) if the metal attains inert gas type of configuration on ionization, 
since in such a case the nuclear charge is most effectively screened by 
electrons, which in turn leads to a low jonization potential; 

(d) if the non-metallic atom is small and produces an anion of small 
charge, since both these conditions enhance the possibility that the 
process of adding electron(s) to form the anion would be-an exoergic, 


or weakly endoergic, process. 


7.3 Electronegativity 


In discussing bonds between unlike atoms, it is convenient to associate 
with every atom a quantity (termed electronegativity), Say, x, which repre- 
sents its electron-attracting power in a bond, so that the ionic character 
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of a bond A—B is given by x, :— 4s: Mulliken suggested that 4([+-£), 
that is, the average of the first ionization potential (I) and the electron 
affinity (E) should be taken as a measure of the electronegativity of an 
atom. This seems reasonable from the following considerations. The 
first ionization potential is a measure of the energy of the process A—> 
At-te, and the electron affinity is that of the reaction A--e—>.-. So the 
ionization potential is regarded as the average of the electron attraction 
of a positive ion and a neutral atom, and the electron affinity as the 
average of the electron attraction of an atom and its negative ion; hence, 
the arithmetic mean can be regarded as the electron attraction of a 
neutral atom. Despite the apparent simplicity of Mulliken’s formula, it 
is however difficult to apply it to most elements. 

It is possible to determine by thermochemical and spectroscopic 
methods the quantities described as bond energies. The energy of a bono 
is equal to the contribution of that bond to the heat of formation of tht 
molecule containing it. For diatomic molecules containing a single bone 
(e.g. Cl.) the bond energy is equal to the dissociation energy of thi 
gaseous molecule to gaseous atoms. In general, it is found that the experi 
mentally determined energy of a bond between unlike atoms is greate 
than the energy expected for ‘normal covalent bond’ or truly covalen 
bond (formed by equal sharing of electrons) between these atoms. Thi 
additional bond energy, which amounts to additional stability of th 
bond, is caused by resonance between truly covalent state and ioni 
state of the bond, and is therefore, called the ‘additional ionic resonane 
energy’, or simply, tonic resonance energy. 

Thus selecting any bond A—B between unlike atoms A and B, the ioni 
resonance energy could be obtained by subtracting from the experimental 
found energy of the actual bond A—B the energy of the truly covaler 
state of the same bond. But the latter quantity cannot be measure 
since a truly covalent bond is in most cases hypothetical. Pauling has how 
ever postulated that the bond energy of a truly covalent bond A— 
must be intermediate between the bond energies of the bonds A—A an 
B—B, because the latter are between like atoms and are therefore esse! 
tially completely covalent. 

Pauling has assumed in the first place that the bond energy Das ' 
the truly covalent bond A—B is the arithmetic mean of the energies Da- 
and Dp-s of the bonds A—A and B—B, respectively, i.e. 


Dy = (Dia =p Ds-s) 12 z 
However, in more accurate but less simple considerations, Pauling h 
taken the geometric mean instead of the arithmetic mean, i.e. 


Di» = V D-a X Ds_s 

The difference between the value of D,_» (calculated in either wa 
and the measured value of the energy of the actual A—B bond is the ion 
resonance energy. The ionic resonance energy determined in this way 
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found to increase as the two atoms A and B become more and more 
unlike with respect to the property termed ¢lectronegativity, i.e. the power 
ofan atom in a molecule to attract an electron to itself. Thus, for instance, 
as can be seen from the results summarized in Table 7.3, the ionic 


Table 7.3 Ionic Resonance Energies of Hydrogen-Halogen Bonds 
(Values are given in kcal/g mole) 


H—F H—Cl H—Br H—I 


Calculated bond energy, 
Da_x (arithmetic mean 70.4 81.1 75.2 70.2 
of Daa and Dg_s) 

Actual bond energy of 


bond A-B 134.6 103.2 BZD BE 
Difference (A) =Ionic 
resonance energy 64,2 22.1 12,3 1.2 


resonance energy (A) increases rapidly in the sequence HI, HBr, HCl 
and HF, in which, while the hydrogen component is constant, the halogen 
changes from iodine (an element regarded by virtue of its general chemical 
properties to be only a little more electronegative than hydrogen) to 
fluorine, which is the most electronegative of all elements. 

Though A values increase with the increase in electronegativity diffe- 
rences between the bonded atoms, these values do not satisfy a relationship 
amounting to a difference between numerical properties of the atoms 
concerned. Pauling has found, however, that the square roots of the values 
do satisfy approximately a relation of this sort. The results summarized 


in Table 7.4 for the triad, silicon-oxygen-flourine, illustrate this. 


Table 7.4 Ionic Resonance Energies: Silicon-Oxygen 
-Fluorine 


—— 


Si-O O-—F Si—F 


ra RRR ca ae Se RRA Hl YTS 
Calculated bond energy, Das 

(arithmetic mean of Daa { 

and Dg_z), kcal/g mole 37.7 34.9 39.4 


Actual bond energy of bond : 
A-B kcal/g mole 88.2 44.2 129.3 
Ionic resonance energy 
(4a_n); kcal/g mole 505 93 89.9 
(yu 71 30 95 


a nye oeenesseeeeia eS 


We see that the values of A are not additive, ic. Asico + Aor # 
Asi-r, but (A)2/2 values are much more nearly so. Thus, square roots of 
lonic resonance energies (A) may be taken as electronegativity differences 
Of the respective pairs of atoms. It is moreover found that if the ionic 
resonance energies (A) are expressed in electron-volts (1 eV = 23 kcal), 
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then their square roots, representing electronegativity differences, lie in 
the convenient range between 3.3 and 0. For the triad silicon-oxygen- 
fluorine the elecfronegativity differences are then: 


— xsi = 1.5 3 
xe — Xo = 0.6 | (7.3) 

Xp — Xi = 2.0 
where xo is the electronegativity of oxygen and so on. 

In this way, differences between pairs of electronegativities are derived, 
and to obtain numerical magnitudes of electronegativity, it is obviously 
necessary to assign an arbitrary value to one element. Pauling has fixed 
the electronegativity of the most negative element fluorine as 4.0, and 
correspondingly, assigned values to other elements on the basis of electro- 
negativity differences. A typical set of these values is given in Table 7.5. 


Table 7.5 Electronegativity Values for some 
Elements (after Pauling) 


— 


H 
2.1 
(ej N (e) F 
25 3.0 3.5 4.0 
Si F Ss cl 
1.8 2.1 2.5 3.0 
Ge As Se Br 
1.8 2.0 2.4 2.8 
I 
2.5 


m 


On this scale, fluorine is by far the most electronegative of atoms, 
followed by oxygen occupying the second place, while nitrogen and 
chlorine come third., Furthermore, carbon, sulphur and iodine have 
equal electronegativities, as do nitrogen and chlorine. The C—S, C—I and 
N—Cl bonds should therefore be almost completely covalent, since, as 
already explained, the difference in the electronegativity values between 
the bonded atoms gives a measure of the ionic character of the bond. 

It should be noted that the above treatment is only approximate. 
For instance, in Eq. (7.3) the sum of (xo — %53) and (xp— %o) approaches 
the value of (xp — xsi) but is not exactly equal to it. Similar comparisons 
for other groups of three elements for which ionic resonance energies 
have been determined generally give even poorer agreement. However, 
the values in Table 7.5 have been so adjusted as to give the best approach 
to additivity in the largest number of cases. 

We have seen that the actual bond energy can be expressed as a sum 
of purely covalent bond energy and ionic resonance energy (A). Applying 
the method of arithmetic mean for computing the energy of covalent 
bonds we can, therefore, write 
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Actual bond energy of bond A—B = 4[D,_, + Ds_s] + A 

= [Dia + Dss] + 23 (x, — ERIE (7.4) 
where x, and x, are the electronegativities of the elements A and B, 
respectively; the factor 23, serves to convert eV to kcal. It follows from 
Eq. (7.4) that the contribution of bond 4—B to the heat of ation of 
a substance containing it is equal to 23(x,— %,)? in kcal. The heat of 
formation is therefore obtained by summing this expression over all 
the bonds in the molecule. However, corrections are called for if the 
substance contains single-bonded nitrogen and oxygen atoms, for reasons 
discussed below. 

The standard states N,(g) and O,(g) are far more stable than they 
would be if the molecules involved three single N—N and two single O—O 
bonds, respectively. Energy of an N—N bond is 38.4 kcal/mole while 
the dissociation energy of Ny molecule is 226 kcal/mole [N,(g) + 226 kcal 
-> 2N]; hence the standard state N,(g) for nitrogen is far more 
stable than it would be if the molecule merely had three single N—N 
bonds, the extra stability amounting to 110.8 kcal/mole for N, or 55.4 
kcal/mole per nitrogen atom. Similar arguments apply to oxygen also. 
Since the energy of the bond O—O is 33.2 kcal/mole, whereas the oxygen 
dissociation energy is 118.3 kcal/mole, there is an extra stability of 52.0 
kcal/mz le for O, in its standard state, or 26.0 kcal/mole per oxygen atom. 
Hence if the substance concerned contains single-bonded nitrogen and 
oxygen atoms, the heat of formation (AH®%) of that substance in its 
standard state can be calculated approximately by use of the expression 

— AHY = 23 E(x — xa)? — 55.4 my — 26.0 no (7.5) 

Here ny and no are, respectively, the number of nitrogen and oxygen 
atoms in the molecule, while the summation embraces all the bonds in 
the molecule, The correction terms for nitrogen and oxygen are due to 
the fact that, as mentioned above, a triple bond in N, is much more stable 
than three single N—N bonds and the bond in O, is more stable than two 
single O—O bonds. 

The above equation for the heat of formation does not apply to sub- 
stances containing double or triple bonds. 

It follows from Eq. (7.5) that the heat of formation of a molecule 
containing an atom of nitrogen held by single bonds to othér atoms 
having the same electronegativity, such as chlorine, should be about 
55.4 kcal/mole, and consequently, the compound would be very unstable 
in relation to the elements. An example is provided by nitrogen trichlo- 
tide whose measured heat of formation in solution in carbon tetrachloride 
is 54.7 kcal/mole; apparently the instability of NCI, molecule is not due 
to the weakness of the N—Cl bonds but rather the extraordinary strength 
of the triple bond in N. The ionic character of N—F bonds in nitrogen 
trifluoride is sufficient to outv@@ph the nitrogen correction term in Eq. 
(Sige give the molecule a negative heat of formation. For OF, and Cl,O 
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the ionic resonance energy of the bonds (with xs— xa = 0.5) is not 
enough to overcome the term — 26.0 kcal/mole for the oxygen; these 
substances, therefore, have positive heats of formation. Other normal 
oxides, however, have negative heats of formation. 

Basing on the assumption that the heat of formation of a compound in 
its standard state from its elements in their standard states is given by 
Eq. (7.5), the difference in electronegativity of the two elements can be 
calculated from the heats of formation of the compounds formed by 
them. Electronegativity values can then be calculated from the so derived 
electronegativity difference. For example, the heat of formation (AH%) 
of BCl, being — 95.7 kcal/mole, the ionic resonance energy per bond, ' 
from Eq. (7.5), is 95.7/3 = 31.9 kcal/mole, which leads to xo, — x, = 1-18 
and hence to 1.82 for the electronegativity of boron. The value 2.0 has 
been accepted for the element. The values recorded in Table 7.6, except 


Table 7.6 Electronegativity Scale of Elements (after Pauling) 


Li Be H POON O._.¥ 

1.0 1.5 2.1 20 25 30 35 40 
Na Mg AL Si P S -a 
OS 1.2 15 18 2.1 25 3.0 


K Ca Sc Ti V Cr Mn Fe Co Ni Cu Zn Ga Ge As Se Br 
08 10 18 15 16 16 15 18 18 18 19 16 16 18 26°24 28 


Rb St Y Zr Nb Mo Tc Ru Rh Pd Ag Cd In ‘Sn Sb Te I 
0.8 10. 1.2.14 16 18 19 22 22 22 19°17 17 18019 21°25 


Cs Ba La Hf Ta W Re Os Ir Pt Au Hg Tl Pb Bi Po At 
07°09 11 13 15 17 19 22 22 22 24 19 18 18 19,20 22 


0.7 09 11 

The lanthanide elements: Ce—Lu 
1.1—1.2 

The actinide elements: Th Pa U  Np-No 
RI ESR E AN S 


those which have already appeared in Table 7.5, were derived in this 
way. It is seen from Table 7.6 that in the first short period, Li to F, the 
electronegativity values differ by a-constant amount, namely, 0.5; in the 
subsequent periods the differences are smaller for the metals than for 
the non-metals. As one passes down the halogen column, the atoms 
become less electronegative because of the increasingly effective screening 
ofthe charge on the nucleus by inner electrons. The alkali metal atoms 
have low electronegativities because they have a great tendency to lose 
their outer electrons. Here also, the electronegativity decreases as one 
passes down the column because of the increasingly effective screening 
of the charge on the nucleus by inner electrons. Furthermore, for a given 
column in the periodic table the values are seen to change less in the 
metallic region than in the non-metallic region. & 
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According to Mulliken’s definition, as already mentioned, the electro- 
negativity value is given by one-half of the sum of the first ionization 
potential and the electron affinity of an element. This definition is more 
precise than Pauling’s since it is directly based on observable quantities. 
In practice, however, one is greatly handicapped by the lack of accurate 
electron affinity data. Pauling’s method is consequently more useful than 
Mulliken’s. There is, however, an empirical relationship between the 
electronegativity values of Pauling and Mulliken. If the first ionization 
potential (7) and the electron affinity (E) are expressed in kcal/mole, 
then, as can be seen in Table 7.7, the Pauling electronegativity value 


Table 7.7 Comparison of Mulliken and Pauling 
Electronegativity Scales 
Element Ionization Electron I+E x 
; potential (I) affinity (E) 125 


F 402.7 83.5 3.89 4.0 
cl 301.2 87.3 3.11 3.0 
Br 273.5 82.0 2.84 2.8 
I 241.2 75.7 2.53 2.5 
H 315.0 17.8 2.66 2.1 
Li 126.1 0 1.01 1.0 
Na 119.1 0 0.95 0.9 
K 100.7 0 0.81 0.8 
Rb 98.3 0 0.79 0.8 
Cs 91.4 0 0.73 0.7 


(x) for univalent atoms (assuming that the electron affinity of the alkali 
metals is zero) is x ~ (I + £)/125. i 

The electronegativity of an element in different compounds is not 
necessarily a constant. It may vary to either side of the stated value 
(Table 7.7), depending on several factors, such as multiple bonds, change 
in coordination number, formal charges, and the character of adjacent 
atoms. For instance, the C—H bonds in acetylene have more ionic 
character than those in ethane, as revealed by the fact that acetylene can 
teact to lose proton, whereas ethane reacts in this way only with extreme 
difficulty. This might be interpreted as signifying an increase in the 
electronegativity of carbon due to the presence of a triple bond. 

The presence of a formal charge affects the electron-attracting power, 
and hence the electronegativity, of a bound atom. (To find the formal 
charge of an atom in a molecule, note the group number of the atom in the 
Periodic table, then subtract from it the number of unshared electrons 
about the atom and one-half of the number of electrons shared by the 
atom.) A positive formal. charge on a bound atom tends to pull electrons 
closer to it and thus effectively increases its electronegativity. For 
instance, the N—H bond in ammonium ion is more ionic in character than 


N 
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the N—H bond in ammonia, because of the +1 formal charge on the 
nitrogen atom. 

To illustrate the effect of adjacent atoms on the electronegativity of a 
bound atom we shall compare the compounds methanol (CH,OH) and 
hypochlorous acid (CIOH), both containing an oxygen-hydrogen bond. 
Since hypochlorous acid donates a proton more readily than does metha- 
nol, the O—H bond is evidently more ionic in the former than in the 
latter. This can be explained’ as follows: since the electronegativity of 
chlorine is greater than that of the methyl carbon, substitution of a Cl 
atom for the CH, group in methanol results in a shift of electron density 
away from oxygen, and oxygen, in turn, tends to pull the electrons of 
the O—H bond closer to itself (inductive effect). Thus substitution of Cl 
for CH, increases, in effect, the electronegativity of the adjacent oxygen. 

The clectronegativity concept is useful in determining the bond 
character. The electronegativity values are also useful in approximating 
bond energies and heats of formation of compounds. 


7.4 Ionic Radii 


From the crystal structure data of many compounds the distance of 
closest approach, or internuclear distances, between various ionic species 
can be deduced. The regularities observed in these internuclear distances 
lend credence to the views of Barlow and Pope, expressed as carly as 
1906-07, that a crystal may be regarded as an essentially geometrical 
entity composed of a set of spherical atoms (or ions), each of characteristic 
size, packed together in contact. This is illustrated from the internuclear 
distances in the alkali halides deduced from the observed cell dimensions. 
Table 7.8 lists in concise form both the internuclear distances of the 


Table 7.8 Internuclear Distances (in A) in Alkali Halides 
Pelee ER ae ree remy Ne a an 
Li a Na A K A Rb a Cs 


PASIE E R cs eA TOS. AE 
F 2.01 0.30 2.31 0.36 2.67 0.15 2.82 0.19 3.01 

— 050 — 047 — 047 — 0.55 
Cl 2.57 0.24 2.81 0.33 3.14 0.15 3.29 0.27 3.56 
a 0.18 — 016 — O15 — 015 — 0.16 
Br 2.75 0.22 297 0.32 3.29 0.15 3.44 0.28 3.72 
a 0.25 — 026 — 024 — 022 — 0.24 
I 3.00 0.23 3.23 0.30 3.53 0.13 3.66 0.30 3.96 


various alkali halides and the two types of differences between them, 
A and A’, which reveal the change in internuclear distances accom- 
panying a progressive substituion involving, respectively, alkali cations 
and halide ions. 


It is seen that A for the halides of any consecutive pair of alkali metals 
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| raslonic radius of A 
Fg=lonic radius of B 
distance Fig. 7.3 Internuclear distance and ionic radii 


Internuclear 


and any one halogen is nearly independent of the particular halogen in 
combination; and conversely, A’ for the halides involving any consecutive 
pair of halogens and any one alkali metal is very nearly the same which- 
ever alkali metal is considered. It is at once evident, in view of these 
regularities, that to each ion can be assigned a characteristic size of 
ionic radius. The observed internuclear distances then represent only the 
sum of two ionic radii (Fig. 7.3); but if any one radius is known, other 
radii may consequently be deduced one after another. Based on this 
principle, the values of ionic radii in Table 7.9 are derived from the 
various internuclear distances (deduced from crystal structure data) 
and the radii of certain ions estimated separately by independent methods. 

It should be borne in mind, however, that the assumption that an ion 
may be regarded as a sphere, on the basis of which the ionic radii given 
in Table 7.9 are derived, is not really accurate, since, on the one hand, 
the arrangement of extranuclear electrons is rather diffuse which makes 
it difficult to sharply define the boundary of an ion, and on the other, 
the interaction of adjacent ions causes deformation. In any event, the 
ionic radius is an empirical concept and since the additivity principle also 
is just an approximation, the values of ionic radii, given in Table 7.9, 
are essentially empirical in nature. They do have, nevertheless, practical 
usefulness in the field of structural chemistry. 

_ A study of the numerical values given in Table 7.9 leads to the follow- 
ing generalizations: : : 

(i) In a group of comparable ions, the increase in atomic number 
(2) is associated with an increase in the number of extranuclear electrons, 
and hence with an increase in ionic radii, as is illustrated in the case of 
alkali metal ions: 


In > Lit Nat Kt Rbt Cst 
Atomic No. (Z) 3 11 FOr S755 
Radius (A) 0.60 0.95 1.33 1.48 1.69 


It is seen, however, that the increase in ionic radius is by no means 
Proportional to the increase in Z. This is obviously due to the fact that 
along with Z there also occurs an increase in nuclear charge that casts 
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increasingly greater attractive influence on the extranuclear electronic 
population. 

(i) In a series of positive ions with constant number of extranuclear 
electrons, the radius decreases rapidly with increasing positive charge, 
as illustrated by the two series quoted below: 


aera er a S 

Ton: Nat Mgt* Al+3 Si+4 Aut Hg+? Ti+? Pb+é 
No. of extra- 

nuclear 

electrons 10 10 10 10 78 78 78 78 
Units of 

nuclear 

charge 11 12 13 14 79 80 81 82 
Radius (A) 0.95 0.65 0.50 0.41 1.37 1.10 0.95 0.84 
Pca T a AE E ELO ey Me 


We can discern two factors in each series: (a) Increasing nuclear 
charge which means greater attractive influence of the nucleus on the 
extranuclear electrons causing shrinkage of ionic radius, and (b) increasing 
charge of the cation which means stronger attractive force between the 
cation and its coordinating anions resulting in reduction of interionic 
distance and hence of the ionic radius. Both these effects contribute to a 
rapid decrease in radius. 

(wii) On the other hand, in the case of negative ions having dissimilar 
charges but the same number of extranuclear electrons, the radius 
increases with increasing negative charge, as illustrated below for a few 
pairs of negative ions: 


Jon F-.. O77 |, CE SS Besa Sane 
No. of extranuclear j 
electrons 10 10 | 18 18 | 36 36 
Units of nuclear | ! 
charge 9 8) 7 16 0735 i34 
Radius (A) 1.36 1.40 | 1.81 1.84 | 


1.95 1.98 


The increase in ionic radius in any pair is obviously owing to the 
influence of the smaller nuclear charge. The increase is, however, seen to 
be very small; this may be attributed to the compensating effect of the 
ionic charge increase, namely, that the force of attraction between anion 
and its coordinating cations increases with the consequent decrease of 
interionic distance and hence of the effective radius. 

(io) In the lanthanide series, it may be recalled (vide Appendix 2), 
the successive increase of 14 units in nuclear charge is accompanied by 
the successive filling of the 4f quantum level and the outer arrangement 
of 5s°5p*5d° or 1 Gs? remains unaltered. The differentiating electrons 
being thus deeply buried in the extranuclear structure and all the elements 
possessing nearly the same configuration in the outermost shell, there 
occurs no compensation for increasing nuclear charge with increasing 
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atomic number, which is therefore associated with a decrease in the 
atomic size—a phenomenon, known as the lanthanide contraction. As can 
be seen from Table 7.9, the lanthanide contraction is also reflected in 
the ionic radii of the lanthanide elements. Moreover, as a consequence 
of this lanthanide contraction, these ions which occur immediately after 
the rare earth elements in the periodic table have radii little or no larger 
than those of the ions belonging to the same group in the preceding 
period. 

An exactly similar contraction ` (actinide contraction) is also found 
among the actinide elements and is also amply reflected in the values 
ofionic radii for the limited number of ions of the actinide series recorded 
in. Table 7.9. 

(v) The magnitudes of the ionic radii depend on the number of 
electrons lost or gained in ion formation. If several oxidation states are 
distinguishable for a given element, then the higher the positive oxidation 
number the smaller the ion; several instances of this effect can be seen 
from Table 7.9. Metallic iron atom, for instance, has a radius of 1.24 A, 
while ferrous ion (Fet?) has a smaller radius, namely, 0.80 A; this 
decrease in size occurs because with the removal of the two outer valence 
electrons in the formation of Fe*? ion (Fig. 7.4) the remaining 24 electrons 
are drawn in closer to the nucleus (which retains its positive charge of 
26). Removal of another electron to produce the ferric ion (FetS) causes, 
owing to the same reason, a further reduction in size. The radius of Fet? 
ion (Fig. 7.4) is thus only 0.64 A, which is nearly one-half of the radius 
of metallic iron. 

(vi) A survey of Table 7:9 reveals that the majority of cations are 
considerably smaller than 1 A, whereas many common anions, including 
O-2 and CI, are much larger than 1 A. It is obvious, therefore, that in 
simple ionic crystals comprising cations and anions in association, the 
greater bulk of the volume is occupied by anions, and consequently, it is 
the arrangement of the latter that has the major say in the structure to be 
adopted by the crystal. 


Limitations. In the above discussion the ionic radii have been treated 
as constant and characteristic of the ions concerned. It should, however, 


arent whoa coal 


Fig, 7.4 Sizes of (a) iron atom and of (b) ferrous 
and (c) ferric ions 
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be conceded at this stage that such a concept is subject to certain 
qualifications. 
(îi) Influence of coordination number. The radius of a given ion is influenced 
by the coordination in which it occurs. Thus, for instance, the radius of 
the Cl- ion in sodium chloride with 6-fold coordination is somewhat less 
than that in caesium chloride, characterized by 8-fold coordination. 
This effect may be attributed to the interaction between neighbouring 
ions; the more the number of neighbours the less is the attraction to any 
one.of them, and consequently, the greater are the internuclear distances 
or effective ionic radii. In the three common structures of AB-type 
compounds (viz. sodium chloride structure, caesium chloride structure 
and zinc blende structure), decreasing coordination number is found to 
be associated with a significant (though small in its absolute magnitude) 
decrease in the effective radius of a given ion. Thus taking the radii 
corresponding to the sodium chloride structure as standard, those in the 
caesium chloride structure with 8-fold coordination are generally found 
to be three per cent higher while those in the zinc blende having 4-fold 
coordination are about five per cent less. Numerically, these facts can be 
represented as follows: 
Coordination No. 4 6 8 
Radius (relative) 0.95 1.00 1.03 l 

It is necessary, in view of the aforesaid effect of coordination, to 
express ionic radii in a form appropriate to a certain coordination number. 
Conventionally, the coordination of the sodium chloride structure is 
chosen as standard. The crystal radii recorded in Table 7.9 are thus those 
for 6-fold coordination. For use in structures having a different coordina- 
tion, the values are to be accordingly modified. As shown above, for 
coordination from 6 to 4 the conversion factor is 0.95, and from 6 to 8 it 
is 1.03. It is seen that the changes are not very large. 
(ti) Influence of radius ratio. Besides the coordination’ number, another 
factor influencing the ionic radii is the value of the radius ratio r*/r-. 
As this radius ratio decreases toward the limiting value for anion-anion 
contact the repulsion between anions will progressively increase, thereby 
tending to distend the structure and thus to increase the apparent radii 
of the component ions. This~ effect is illustrated by the following data 
for alkali halides, all of which have 6-coordinated structures. 


Halide r+} Sum of radii (A) Observed inter- 
(from Table 7.9) nuclear distance 


(A) 
RbBr 0.76 3.43 3.43 
KBr 0.68 3.28 3.29 
NaBr 0.49 2.90 2.98 


As is seen from these data, the discrepancy between the radius sum 
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and the observed internuclear distance is practically nil when the radius 
ratio is in the neighbourhood of 0.7, but assumes considerable magnitude 
as the ratio falls. Thus, in addition to the condition that the structure be 
a 6-coordinated one, the other condition to be satisfied before the ionic 
radii data of Table 7.9 can be applied is that the ratio r+/r- should be 
approximately 0.7. When applied to NaCl-type structures having 
r*/r appreciably less than 0.7, Table 7.9 will, therefore, prove erroneous. 


7.5 Non-ionice or Covalent Bonds 


As has been already mentioned in Section 7.1, the idea of the electron-pawr 
bond or covalent bond was~introduced in 1916 by G. N. Lewis. His 
proposal was that one or more electron pairs ‘shared’ by two atoms could 
bond them together and that an inert gas structure could be attained 
in chemical combination by such sharing of electron pairs. For example, 
the formation of the methane molecule can be represented, according to 
this idea, as 


: H J 

4H + -C:—+H:C:H, ie HOLH 
fe oe | 
al H 


The four hydrogen atoms contribute one electron cach and the carbon 
atom contributes four electrons towards the formation of four shared 
pairs. Each shared pair constitutes a single covalent bond, and for 
convenience may be denoted by a single line; in methane there are 
four such bonds. Now since each shared pair is regarded as belonging 
to both the contributor atoms, the carbon atom in methane can be said 
to have acquired an outermost layer of eight electrons correpsonding to 
the electronic structure of neon, and the hydrogen atoms two electrons 
each as in helium, 

In the above idea of covalent bonding there are two essential points 
to notice. The first is that sharing of electrons occurs in pairs, each pair 
being equivalent to a single chemical bond. Lewis was led to this suggestion 
of the electron-pair bond by the remarkable fact that barring a few 
exceptions (e.g, nitric oxide, nitrogen dioxide, chlorine dioxide and free 
radicals) all known compounds contain an even number of electrons. The 
second point is that in covalent union each atom tends to acquire an 
outer arrangement of eight electrons corresponding to the electronic 
configurations of inert gases, Hydrogen is, of course, an exception since 
its tendency is to acquire the two-electron structure of helium. 

On the idea of the electron-pair bond coupled with the so-called rule- 
of-eight, the majority of compounds of non-metals in the first two (eight- 
membered) periods can be formulated (though, however, not without 
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some serious objections). We can also picture the arrangement of atoms 
in some polyatomic ions (for example, NHZ, SO;?, AIHZ, and BF) 
using the Lewis rules. 

Lewis represented multiple (double and triple) bonds as quartets or 
sextets of electrons. For example, the double bond and triple bond bet- 
ween carbons, as exemplified by ethylene and acetylene, are represented by 


H H H H 
ai A \ 
CINCH or Semel 

H `H H H 

H:C:C:H or SCS CSN 


It will appear from such pictures that the two bonds comprising a 
double bond are equivalent and so also are the three bonds comprising a 
triple bond. There-is, however, considerable evidence that this is not so. 

Though the Lewis picture of the chemical bond is useful in formulating 
many compounds and ions, it, however, shows a lack of universal appli- 
cability. For example, stable compound (e.g. NO, NO, and C10,) are 
known which have an odd number of electrons. There are, moreover, 
compounds in which octets are not achieved or in which octets are 
exceeded, Two cases may be cited to illustrate this point. Boron has the 
electronic configuration 1522s22p1, and since in the compound boron 
trifluoride, BF,, it forms only three covalent bonds, gaining thereby three 
shared electrons, the number of electrons in the outermost shell becomes 
six, which is still short of the neon configuration 15°2s?2f%, Again sulphur 
has the configuration 15?2s?2p°3s?3p*, and in the compound sulphur 
hexafluoride, SF,, it forms six covalent bonds thereby gaining six shared 
electrons, so that the total number of outer electrons is now twelve, i.e. 
four more than the number required to reach the argon configuration 
1522522p83s°3p°. However, it should be noted that, as in the ionic com- 
pounds, the covalently-bonded atoms too have an even number of s- 
and p-electrons. This is almost invariably true (the most important excep- 
tions being some of the oxides of nitrogen and chlorine), and is perhaps 
more important than gaining octets. The concept of octet, though useful, 
is limited in its applications, but the concept that electrons seek to pair 
with each other is nearly universal in its application. The rule of two is 


‘more fundamental than the rule of eight. 


Wave-mechanical picture of the covalent bond. While it is under- 
standable that the ions forming an ionic bond are held together by electro- 
static forces, it is not immediately clear as to what holds two atoms to- 
gether in a covalent bond. Indeed it was not until the development of 
the wave mechanics that any reasonable hypothesis as to the stabilities 
of atomic combinations from the sharing of electrons could be offered. 
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The VB theory and the MO theory provide two alternative approaches 
to this problem. They have been dealt with in Sections 6.3 and 6.4. In 
brief, mutual interaction of the pair of electrons is considered to be respon- 
sible for the stability of a covalent bond. 

It must be pointed out that the Lewis theory of covalent bond as 
involving a pair of electrons for each bond was advanced before the 
development of the wave-mechanical concept, which later brought out, 
in effect, a reinterpretation of the Lewis picture of the chemical bond 
in terms of the detailed description of the electronic structure of atoms. 
Thus in VB terms, the covalent bond in the H, molecule, for instance, is 
considered to be formed by pairing of two electrons, or more precisely, 
by an overlapping of their orbitals, but pairing is now possible only bet- 
ween electrons having opposite spins. On the other hand, the MO treat- 
ment of the H, molecule predicts a cloud of two electrons (spin-paired), 
relatively thick between two nuclei. Such a description also conforms 
to the Lewis single bond between the two atoms in H,. Considering again 
a much more complicated system, say the F. 2 molecule, the MO treatment 
ultimately leads to a picture qualitatively similar to that of Hi, for it 
predicts that only two of the fourteen valence electrons of F, have appreci- 
able probability densities in the internuclear region. It thus conforms to 
the Lewis picture of F, as two fluorine atoms held together by an-electron- 
pair bond. 

A very important point which emerges from the wave-mechanical 
concept (see page 115) is that resonance imparts additional stability to 
a covalent bond by virtue of the fact that energetically a resonance struc- 
ture is more favourable than any of the individual configurations which 
contribute to it. In fact, the very existence of the covalent bond is largely 
a consequence of the phenomenon of resonance, as can be illustrated by 


considering the simplest possible example, namely, the hydrogen mole-. 


cule; as we have seen, the energy of the covalent bond in a hydrogen 
molecule is largely due to the resonance energy between two possible 
structures (see page 112). 


7.6 Covalent/Ionic Resonance 


An important consequence of the resonance theory is that, contrary to 
the older idea, ionic and covalent bonds are not distinct types, but that 
there is possible a continuous transition from one to the other, and conse- 
quently bonds of transitional types, i.e. bonds which are partially cova- 


lent and partially ionic, may also.occur. In fact, it is known that in the: 


majority of cases transitional types of bonds do occur, and a true covalent 
or homopolar bond probably does not exist. 

Consider, for example, the simplest molecule involving like atoms, 
namely, the hydrogen molecule. As we have already shown, there are, 
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apart from the two principal structures (I) and (II), (see page 112), 
which conform to the interchange of two electrons between the two 
component atoms, two other possible structures, shown below as III and 
IV, in which the binding is ionic between a proton H+ and a H- ion. 


tH, and :H, H,* 
(III) (IV) 


The subscripts A and B have been used only to distinguish the two 
hydrogen atoms. Since the ionization potential of hydrogen is high (315 
kcal/mole) and the electron affinity is low (17.8 kcal/mole), the 
ionic structures (III) and (IV) are relatively unstable as compared with 
the first two. Nevertheless, they do make some contributions, though 
small, to the total structure of the molecule, as a result of which the 
so-called covalent bond in hydrogen has about 2% of ionic character. 
This, however, does not signify any dipole moment for hydrogen, be- 
cause the two possible ionic configurations contribute equally to reson- 
ance. 

Similar consideration applied to a molecule like hydrogen fluoride 
(HF) will, however, show it to be polar. Here three configurations are 
possible — one covalent (I) and two ionic, viz. (II) and (III), — as shown 
below: 

H :F: HA Bia :H- F:* 


(I) (I1) (IIT) 

Now the two ionic configurations (II) and (III) cannot be expected to 
contribute equally, since, fluorine being considerably more electronegative 
than hydrogen, configuration (II) is far more stable than (III). It turns 
out, therefore, that the HF molecule is a resonance hybrid to which con- 
figurations (I) and (II) make the chief contributions and hence the hybrid 
is polar, while the magnitude of the dipole moment depends on the rela- 
tive contributions of these two configurations. A similar picture applies 
to other hydrogen halides as well; however, the relative contribution of 
the structure of type (II) —and hence the magnitude of the dipole 
moment — would be expected to be less, as fluorine is replaced by suc- 
cessively less electronegative elements: chlorine, bromine and iodine. 


7.7 Partial Ionic Character in Covalent Bonds 


As has been noted previously, ionic bonds are favoured in combinations 
involving elements markedly differing from each other in electronegati- 
vity; and as such differences become less pronounced, the bonds become 
increasingly covalent in character, reaching the highest degree when 
the atoms concerned are of the same electronegativity. However, as 


204 Ionic and Covalent Bonds 


mentioned earlier, even in combinations between identical atoms, equal 
sharing of electrons may not occur, as for instance, the bond in hydrogen 
molecule has about two per cent of ionic character which arises from 
the small contributions of the ionic resonance structures (see page 192) 
to the total structure. Similar situation obtains in other comparable cases. 
It is, therefore, possible to describe any covalent bond in terms of its 
degree of ionic character. 

By referring to covalent linkages possessing appreciable ionic character 
as polar linkages and to those possessing only slightly ionic character as 
non-polar linkages, it can be said, in a general way, that the sharing of elec- 
trons approaches equality in a non-polar bond but deviates to a greater 
or lesser extent from equality in a polar linkage; and the degree of this 
deviation, or rather the degree of polarity, is often reflected in the magni- 
tude of the dipole moment. Consequently, zero dipole moment (p = 0) 
is indicative of non-polar linkage, i.e. equality of electron distribution, in 
a simple diatomic molecule. (It should be noted, however, that a mole- 
cule containing a number of bonds, each of which possesses dipole mo- 
ment, can also have zero dipole moment when there is complete symmetry 
of bond distribution, e.g. in CCl). This is clearly borne out by the dipole 
moment value (p expressed in Debye units; 1D = 1 x 10-8 esu) of the 
compounds of hydrogen with the halogens and with the oxygen group of 
elements, cited below; these are seen to qualitatively reflect the trend of 
polarity of the molecules, which in turn parallels the variation of elec- 
tronegativity on the part of the element combined with hydrogen: 


HF HCl HBr HI 

u 1:98 1:03 0:79 038 Debye 
H,O H,S H,Se H,Te 

u 1-85 1-10 W 0 Debye 


The percentage ionic character of the bond can, in some cases, be 
determined from dipole moments and bond lengths. Thus, since the 
dipole moment of a completely ionized hydrogen halide would be e.r, 
where e is the electronic charge and r the bond length, 100u/e.r represents 


- the percentage ionic character of the bond whose dipole moment is p. 


Values obtained in this way are 45 per cent for HF, 17 per cent for HCl, 
12 per cent for HBr, and 5 per cent for HI. 

Pauling derived at first the following empirical equation to relate the 
amount of ionic character in a bond to the electronegativities of the 
bonded atoms: 


% Ionic character = 100 [1 — exp {— } (x, — y)*}] (7.6) 
where x, and x, are respectively the electronegativities of the atoms 
A and B bonded together. 


At the time Eq. (7.6) was formulated, the value of the dipole moment 
of HF was not known. For HF, having an electronegativity difference of 
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1.9, this equation leads to an estimate of 60 per cent ionic character. 
However, as shown above, the dipole moment of HF corresponds to only 
45 per cent ionic character. For more exact calculations Eq. (7.6) has 
consequently been revised by Hannay and Smyth to the following form: 
°% Ionic character = 16(x, — xs) + 3°5 (xa — 4)? (7.7) 
However, in molecules containing a number of bonds the picture is 
more complex. For water, for example, the electronegativity difference 
between O and H is 1.4, which corresponds, according to Pauling’s 
equation, to 39 per cent ionic character in the O—H bond. The water 
molecule can accordingly be described as resonating among four clec- 
tronic structures as follows: j : 


H Ht H Ht 
:0O:H :0: H :O: Ht :O: Ht 
Hii 'II II IV 


The structure (I) is completely covalent; each of the structures (II) 
and (III) has one ionic and one covalent bond to hydrogen, while (IV) 
has both bonds ionic. If the bonds were independent, the structures (I) 
to (IV) would make contributions of 37, 24, 24, and 15 per cent respec- 
tively, (note that 0 x 37 + 1/2 x 244 1/2x 24 F 1x 15= 39). 
However, the structure (IV) is probably of minor importance because 
of the strong attraction likely to be exerted for protons by the O~? ions; 
hence its contribution would be diminished and consequently that of 
others would increase. Pauling’s conclusion is that the first three structures 
contribute, respectively, 44, 28 and 28 per cent to the total structure. 
These values are obtained on the assumption that the doubly-ionic struc- 
ture makes no contribution and that the ratio of the other three remains 
the same, namely, 1.54:1:1. 

In dealing with other molecules containing more than one bond of 
intermediate type, a resonance concept of the above sort is to be applied. 
For the ammonium ion (NH,)*, for instance, it is necessary to consider 
sixteen structures, namely, one completely covalent structure, four 
structures with one bond ionic, six structures with two bonds ionic, four 
structures with three bonds ionic and one completely ionic structure. 
Thus though the structural formula of the ammonium ion is completely 
written as, : 

H Br 
H—N—H 

H 
it actually stands for the 16 structures mentioned above, and the contri- 
butions of these 16 structures are such as to give each N—H bond the 
required amount of ionic character. This is how the amounts of ionic 
character of bonds in molecules, in general, are interpreted. 
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According to the Hannay-Smyth equation [Eq. (7.7)], an electronega- 
tivity difference of about 2.1 corresponds to 50 per cent ionic character 
of the bond. Bonds with a larger electronegativity difference are essentially 
ionic, having more than 50 per cent ionic character, while those with 
a smaller difference are essentially covalent. Below are summarized the 
partial ionic characteristics (based on the Hannay-Smyth equation and 
the electronegativity data presented in Table 7.6) of the single bonds 
formed by the elements: 

(a) Alkali metals. Bonds of the alkali metals with fluorine, oxygen and 
other strongiy electronegative non-metallic elements are essentially ionic. 
(b) Alkaline earth metals; Bonds of magnesium, calcium, strontium and 
barium with fluorine, oxygen and other strongly electronegative non- 
metallic elements are essentially ionic. The bond of beryllium. with _ 
fluorine is essentially ionic. All other beryllium bonds are essentially 
covalent. 

(c) Third group elements. Boron forms almost purely covalent bonds with 
hydrogen. Its bonds with other elements have varying degrees of ionic 
character, but in all cases the covalent character predominates. Bonds of 
aluminium with elements other than fluorine are essentially covalent. 
The Al—F bond, however, is more than 50 per cent ionic. 

(d) Fourth group elements. Bonds of carbon with all other elements are 
primarily covalent. The most ionic of these is, however, the C—F bond. 
Except, perhaps, the Si—F bond, bonds between silicon and all other ele- 
ments are essentially covalent. 


Ion deformation or polarization. A useful, though somewhat less 
quantitative, approach to the problem of transition between ionic and 
covalent bonds is based upon the concept of ion deformation or polari- 
zation. When two ions approach each other closely, the cation attracts 
the electron atmosphere of the anion and simultaneously repels the 
anion nucleus; this causes a deformation, distortion or polarization of 
the anion, which can be crudely represented as in Fig. 7.5. 


Ot Oe) 
Fig. 7.5 Schematic representation of the a 


polarization of ions Normal Polarized 


Similarly, the cation would also be polarized by the anion but the 
effect would be less pronounced because of the smaller size of the cation. 
The net result of the ion polarization is the increase in the degree of elec- 
tron sharing, or, in other words, in the degree of covalent character. 

Ion deformation or polarization is favoured by a number of factors, 
which are summarized in a series of generalizations known as Fajan’s 
rules. Thus a compound will tend to have appreciable covalent character, if 
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(i) the cation is small, 

(ii) the anion is large, 

(iii) either the anion or the cation is highly charged, and 

(iv) the cation does not have an inert gas type of electronic confi- 

guration. 

The cation is small|the anion is large. A small cation has a stronger polari- 
zing effect on the anion than a larger cation since the former can ap- 
proach more closely; similarly a large anion is more easily polarizable 
than a small anion since the outermost electrons of the former are farther 
from the positive charge pn. the nucleus. 
Either the anion or the cation is highly charged. A cation which has a charge 
greater than + 1 will attract the electrons of the anion more strongly 
than a unipositive cation; in other words, the polarizing power of the 
cations increases with their charge. Similarly, a highly charged anion will 
tend to repel its outermost electrons more strongly than a uninegative 
anion; in other words, anions increase in polarizability with increase in 
their charge. 
The cation does not have an inert gas type of electronic configuration. The com- 
pounds of copper (I) and silver (I), in contrast to those of alkali metals, 
show properties associated with- appreciable covalent character. This 
cannot be attributed to ionic size, since there is no marked difference in 
that regard. (The silver ion is intermediate in size between the sodium 
and potassium ions and the cuprous ion is only slightly smaller than 
the sodium ion.) There is, however, greater difference in the patterns of 
electronic configurations. Thus, whereas the electronic configuration of 
the sodium and potassium ions is ns’p*, that of copper (I) and.silver 
(I) is ns*np* (n—1)d"°. The d electrons are considered to be less effective 
than s and p electrons in screening the nuclear charge from the outermost 
electrons and consequently the ions containing them behave as if they 
had a greater charge and hence exhibit polarizing properties. This be- 
haviour is true of the transition metals as a whole when their ions do not 
possess inert gas configurations. ; 

It is manifestly impossible to estrange one factor from all others in 
every case. The aforesaid rules are nevertheless very helpful in making 
qualitative comparisons. A generalization underlying these rules is evi- 
dently that increasing covalence is to be expected with increasing atomic 
number in families containing non-metals and with decreasing atomic 
number in families containing metals. 

Since polarization of an anion is augmented by increasing cation 
charge and decreasing cation size, the two factors can be combined into 
one term, such as ionic potential (p), first defined, by Cartledge as, 

__ cation charges ay 7 
? ~ cation radius 
It follows, therefore, that large ionic potentials are associated with 
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strong polarizing effects or increased covalence. Thus it has been found 
that anhydrous halides, for which @ is less than 2.2, are ionic and conduct 
electricity in the fused state, whereas those with ọ greater than 2.2 are 
non-ionic and non-conductors, 


7.8 Covalent Radii 


The internuclear distance between two atoms joined (as ions) by an 
ionic bond is not the same as that between the same two atoms joined 
by a covalent bond. We have already seen how, on the basis of internu- 
clear distances determined by X-ray analysis of ionic crystals, it is pos- 
sible to assign to each ion a characteristic radius such that internuclear 
distances are given with reasonable precision by the sum of the appro- 
priate radii. It is, therefore, natural to enquire whether characteristic 
radii can be similarly assigned to atoms such that their sum will give 
covalent bond lengths. As shown below, such radii can, in fact, be assign- 
ed and are òf great value in predicting covalent bond lengths with reason- 
able accuracy. 

Bond lengths or internuclear distances (hereafter we shall employ the 
terms interchangeably) between atoms linked by the covalent bond can 
be determined from the study of crystals with covalent lattices by X-rays, 
and of gas molecules by electron diffraction and spectroscopic methods. 
It is found from such measurements that the length of the bond between 
a given pair of atoms is often the same, or very nearly the same, in many 
different molecules. The C—C bond, for instance, is 1-54 A whether the 
bond occurs in diamond, ethane, propane, isopropyl alcohol or many 
other carbon compounds. Similarly, the C—Cl bond length is approxi- 
mately the same (1-76~1-77 A) in methyl chloride, methylene chloride, 
chloroform and carbon tetrachloride. 

It is found, moreover, that the A—B bond length is equal to the arith- 
metic mean of the lengths of the bonds A—A and B—B. Thus, fonexample, 
the Cl—Cl bond length in the chlorine molecule is 1:988 A and the C—C 
bond length in diamond, as mentioned above, is 1-542 A, while the arith- 
metic mean of these, 1-765 , is seen to be in exact agreement with the 
C--Cl bond length 1:766 + 0:003 A, observed in COL. 

We can therefore assign a covalent radius of 0:99 Å (i.e. half of CI—CI 
distance, 1-99 A) to chlorine, and a covalent radius of 0:77 A (i.e. half 
of C—C distance 1:54 Å) to carbon, so that the C_Cl bond length is then 
given by their sum which is 1-76 » Or conversely, by subtracting the 
covalent radius of, say, chlorine from the C—Cl bond length we can get 
the covalent radius of carbon. 


It must be pointed out that the covalent radius of an atom (unlike the 


ionic radius) does not imply that the atom is a sphere of that size. Consi- 
der, for example, the case of chlorine: The CI—C1 bond length, 1-99 A, 


Atomio Strweture and Chemical Bond 209 


Fig. 7.6 The dimensions of the chlorine molecule 


represents the centre-to-centre distance of two chlorine atoms constitut- 
ing a molecule. The covalent radius of chlorine 0-99 A representing half 
of this distance is seen to be considerably smaller than the van der Waals i 
radius 1-8 A derived by halving the internuclear distance 3-6 A between | 
contiguous chlorine atoms of different molecules, which are bound eena 
only by van der Waals forces as in the, crystal of solid chlorine. The 
chlorine molecule must, therefore, be considered as having the form 
shown in Fig. 7.6. Obviously, the covalent radii are applicable only to 
the calculation of internuclear distances between atoms linked by cova- 
lent bonds, and do not tell us anything about internuclear distances bet- 


ween adjacent molecules. 


Single-bond normal covalent radii. It is possible to carry the afore- 
said derivation process further to obtain a complete set of covalent radii 
such that their sums represent average internuclear distances for bonded 
atoms in molecules and crystals. Such a set of single-bond covalent radii 
for the non-metallic elements is given in Table 7.10. The values were 


Table 7.10 Single-bond Normal Covalent Radii (Values 
in A) for Non-metallic Elements 


H B G N (0) F 
0.30 0.88 0.77 0.70 . 0.66 0.64 
Si P s al 
1.17 1.10 1.04 0.99 
Ge As Se Br 
1.28 1.21 1.17 1.14 
Sn Sb Tete y 
1.40; (i 1.41 1.37 1.33 


obtained largely from X-ray diffraction studies of crystals. It must be 
emphasized that the values given are applicable only when the elements 
exhibit their normal covalences, i.e. when they form the number of cova- 
lent bonds appropriate to the their position in the periodic table, e.g. one 
bond for fluorine, two bonds for oxygen, and so on. The values in Table 
7.10 are, therefore, referred to as single-bond normal covalent radii. 
It is seen from Table 7.10 that for elements in any horizontal period 
those with higher atomic numbers have the smaller radii. This is because, 
though elements in any one period have their outer electrons in the same 
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orbit, the electrons are more strongly attracted by the increasing posi- 
tive charges on the nuclei as one passes from lower to higher atomic 
number. On the other hand, in any one group of the periodic table, 
elements with higher atomic numbers have their outer electrons in larger 
orbits and are consequently associated with larger radii. 

It should be mentioned that the values of the covalent radii for F,O 
and N, as given in Table 7.10, were formulated before the experimental 
values for F—F, O—O and N—N single bonds were available. Subsequent _ 
measurements of these bond lengths showed large deviations from the 
values expécted from the old radii. Thus, whereas the old radius of 

fluorine would require the F—F distance to be 1-28 A, the value given by 
the electron diffraction study of F, is, however, 1-45 A. The O—O bond 
length calculated from old radius is 1-32 A, but in H,O,, the O—O bond 
length is found to be 1-47 A. The N—N bond length in N,H, is found to be 
1-47 A, whereas the value from old radius is 1-40 A. It should be pointed 
out, however, that these discrepancies notwithstanding, the distances for 
many bonds of F, O and N with other atoms are rather well given by the 
old radii. 

The covalent radius value of 0-30 A assigned to hydrogen in Table 
7-10 represents the approximate average of the values of the H-radius 
derived from the experimental M—H distances (M = element other than 
H) in a number of compounds of hydrogen. It might be mentioned, 

‘ however, that the experimental value of the H—H length in the H,* 
a is 0-74 A, from which the covalent radius for hydrogen would 


Multiple-bond normal covalent radii. A double and triple bond 
‘between two atoms is characterized by a fairly constant length in many 
different molecules, and the arithmetic mean relationship also holds, as 
for single bonds. It is therefore possible to assign double-bond or triple- 
bond covalent radii to the elements in the same way as the single-bond 
radii. Table 7.11 lists some numerical values of double. and triple bond 


Table 7.11 Multiple-bond Normal Covalent Radii 
(Values in A) 


B Cc N (0) 
Double bond 0:76 0-67 0-60 0:57 


Triple bond 0-68 0-60 0-55 - 
Si P S 
Double bond 1-07 1-00 0-94 
Triple bond 1-00 0-93 - 
~ Ge As Se 
Double bond 1-12 1-11 1-07 . 
Sn Sb Te 
Double bond 1-30 1-31 1-27 


= aera 
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normal covalent radii. By comparing with single-bond radii it will be seen 
that tk - double-bond radii are about 7 to 14 per cent and the triple-bond 
radii about 15 to 23 per cent less than the corresponding single-bond 
radii. 


hibit their normal covalency. This has led to the formation of different 
sets of covalent radii (Table 7.12) corresponding to different crystal 
arrangements, 


Table 7.12 Tetrahedral Covalent Radii (sp Hybrids) 
(Values in Â) 


n ee ee 
Be B Cc N (0) F 


106 088 077 070 0.66 0-64 

Mg A §j P s cl 

140. 1-26 1-17, 1:10.. 1-04 10:99 
Gus 2a Ga Gerd Tag Ut gud cititet 
BBG. K131 19-26 121-02 1:18 bie pat 
Ag Cd In Sn Sb Te I 
P32 148 144 1-40. 36. 132 098 
Au Hg TI Pb Bi 
150 148 1-47 146 146 


7.12, 2-08 A in tetrahedral arrangement. This agrees well with the sulphur- 
sulphur distance 2-09 A observed in the cubic crystal pyrite, FeS,, in 
which each sulphur atom is linked by covalent bonds to three iron atoms 
and one sulphur atom disposed tetrahedrally around it, 

It may be noted that the tetrahedral covalent radii for Group IV 
elements are exactly the same as the normal single-bond covalent radii 
for these elements given in Table 7.10. This is because these elements, 
as has been discussed previously, can be quadrivalent only in the spè 
tetrahedral hybrid state. Identity of normal and tetrahedral radii in 
numerical magnitudes is also seen for first-row and second-row elements, 
For the heavier elements there are, however, small differences, 


Octahedral radii. In the cubic crystal pyrite, FeS,, referred to 


SE Ra I a ma a —— a a ns rer al 
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earlier, whereas each sulphur atom is surrounded tetrahedrally by one 
sulphur atom and three iron atoms, each iron atom is surrounded octa- 
hedrally by six sulphur atoms corresponding to the formation by iron of 
six octahedral bonds using d?sp hybrid orbitals. So by subtracting the 
tetrahedral radius of sulphur (1.04 A) from the iron-sulphur distance in 
pyrite (2.27 A) one gets the value (1.23 A) for the d?sp? octahedral cova- 
lent radius of bivalent iron. (FeS, is a derivative of hydrogen disulphide, 
H,S,). 

From similar data for other crystals with the pyrite structure or a 
closely related structure, values of octahedral radii for other transition- 
group elements can be obtained. These octahedral radii correspond to 
bond formation with d*sp? hybrid orbitals, and are listed in Table 7.13. 


Table 7.13 Octahedral Covalent Radii (Values in A) 


d*sp* hybrids 
Fell Cott Niu Rutt Ost 


1-23 1-32 1-39 1-33 1-33 
Com Nim Rhu = [ym 
1-22 1-30 1-32 1-32 
Felv Nilv Pdtv Ptv Aulv 
1:20 1:21 1-31 1:31 1-40 
sp*d? hybrids 


Tivo zrilv Sn!Y  PbIV Sety Telv 
1:36 1-48 1-45 1-50 1:40 1-52 


Also given in Table 7.13 are a few more octahedral radii which, how- 
ever, correspond to bond formation with sp%d? hybrid orbitals. These 
values are obtained from internuclear distances in complex ions such 
as (SnCl,)~?, (PbBr,)-? and (SeBr,)-? and from crystals, such as TiS, 
having the cadmium iodide structure. It may be noted that for Sn'V and 
Pb these octahedral radii are greater than those corresponding to tetra- 
hedral radii (Table 7.12) by about 3 per cent. 


Other covalent radii. Nickel, palladium and platinum in their bipo- 

sitive state and gold in its tripositive state form four coplanar bonds using l 
` dsp* hybrid orbitals, directed to the corners of a square. For these elements 

Pauling suggested that the same radii should be used as for octahedral 

dsp? radii. 

In molybdenite (MoS,) and tungstenite (WS,), the metal atom is 
surrounded by six sulphur atoms disposed at the corners of a right-trigonal 
prism. From the observed internuclear distances in these crystals the 
following trigonal-prism covalent radii were derived: Mo™ 1-37 A and 
Ww 1:44 

In crystalline Cu,O and Ag,O, each oxygen atom is surrounded by 
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four metal atoms disposed at the corners of a tetrahedron, while each 
metal atom is midway between two oxygen atoms, with which it forms 
two covalent bonds using the collinear sp hybrid orbitals. Here the metal- 
oxygen distance minus the tetrahedral radius of oxygen is thus equivalent 
to the linear (sp) covalent radius of the.metal atom. The radius values 
obtained in this way are 1-18 A for Cu! and 1:39 A for Ag". These are seen 
to be less than the corresponding tetrahedral radii by 0:17 A and 0:13 
respectively. The C—Hg and Hg—Cl distances in the linear molecule 
H,C—Hg—Cl determined by microwave spectroscopy, are 2-061 A and 
2.989 A respectively. Similarly the C—Hg and Hg—Br distances in 
H,C—Hg—Br are found to be 2:074 A and 2:406 A respectively. 
Substraction of the normal covalent radius of C from the two C—Hg 
distances and of Cl and Br, respectively, from He—Cl and Hg—Br 
distances, gives the values 1-29, 1-30, 1-29 and 1-27 A respectively. The 
average of these four values namely, 1-29 A, is taken for the linear 
covalent radius of Hg". This value is seen to be 0-19 A less than the 
tetrahedral radius of Hg. 


7.9 Bond Order and Bond Length 


The three types of bonds considered so far, — single, double, and triple 
bonds — are referred to as having bond numbers of 1, 2 and 3, respec- 
tively, so that the sum of the bond numbers of the bonds formed by an 
atom remains equal to the valence of the atom. A bond, however, will 
not necessarily have an integral bond number. The bond number may 
be fractional if the bond involves resonance. For instance, in benzene 
each carbon-carbon bond is a resonance hybrid to which single and 
double bonds contribute equally; the carbon-carbon bond, therefore, 
has a bond number 1.5. It might be expected that the length of a bond 
with bond number 1.5 could be obtained by interpolation between the 
lengths corresponding to bond numbers 1 and 2. This is, however, not true 
as shown in Fig. 7.7, where the point(* representing the carbon-carbon dist- 
ance 1-39 A in benzene is seen to be appreciably below the smooth curve 


Bond length (angstrom)—>~- 


Fig. 7.7 The lengths of the single, double and triple 
carbon-carbon bonds plotted against bond number 
i (After L. Pautinc The Nature of the Chemical. Bond, 
Bond number, n —~ Cornell University Press, 1960) 
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the points © representing the lengths 1-54, 1-34 
aie Crone ingle, double and triple carbon-catbon bonds res- 
pectively. The explanation is that resonance has stabilized the benzene 
structure and imparted additional strength to the carbon-carbon bond, 
thus reducing its length. To emphasize this change in bond length caused 
by resonance between two equivalent structures, Pauling represents the 
smooth curve in Fig. 7.7 by an equation of the form: 

D(n’) sob D,— K log n (7.8) 
where D, is the bond length of the single bond in angstrom units, n’ 
is the ‘bond order’, D(n’) is the corresponding bond length in,:angstrom 
units, and K is a constant. In this equation, the bond order n’ is, how- 
ever, equal to the bond number n for n’ = 1, 2 and 3. If the observed 
carbon-carbon bond length in benzene is inserted in place of D(n’), Eq. 
(7.8) leads to n’ = 1-66. Thus the bond order for carbon-carbon bonds 
in benzene is somewhat larger than the bond number, reflecting the 
extra resonance energy of the molecule. 

In general, it can be said that when two bonds of different order 
contribute equally to the resonance hybrid, the resultant bond is shorter 
than that deduced by direct interpolation, i.e. the resultant bond is 
closer to the bond with higher order. 


7.10 Bond Length Correction for Electronegativity Difference 


While predicting the bond length from the covalent radii given in Tables 
7.10-7.13, consideration has to be given to the resonance not only bet- 
ween covalent bonds, as in the example of benzene given above, but 
also between covalent. and ionic bonds. The latter requirement arises 
because many covalent bonds are associated with considerable ionic 
character (see Section 7.8). The effect of this covalent-ionic resonance 
may be quite significant, causing a reduction of the resulting bond Jength 
by as much as 0-1 A or more. 

Schomaker and Stevenson (1941) suggested that, in general, the inter- 
atomic distance for a bond A—B be taken equal to the sum of the covalent 
radii for the atoms A and B, coupled with a correction term—0-09(x,—%p), 
where (%,— %s) represents the absolute value of the difference in 
electronegativity of A and B, that is, 

D(A — B) = r, + ra— 0-09 (x4 — xp) 

For some bonds (e.g. for Si—C bond) the application of the Schomaker- 
Stevenson correction term serves to reduce appreciably the discrepancy 
between predicted and observed bond lengths, while, however, for others 
(e.g. for the C—Cl bond) it only increases the discrepancy. According to 
Pauling, the length of a single bond between two atoms A and B can in 
most cases be assumed to be reasonably well calculated from covalent 
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radii r, and rg, as given in Table 7.10, by the use of the equation 

D(A— B) =r, + 13— ¢(x, — xp) (7.9) 
where (x, — %p) represents, as stated above, the absolute value of the 
difference in electronegativity of A and B; and c, the Schomaker- 
Stevenson coefficient, has different values, depending on the atoms A 
and B; as given below: 


All bonds involving one first row atom (i.e. B,C,N,O,F) or two such atoms c= 008A 
Bonds of Si, P and S with a more electronegative atom but not one of 


the first row «= 0064 
Bonds of Ge, As and Se with a more electronegative atom but not one of 
the first row c= 004A 
Bonds of Sn, Sb and Te with a more electronegative atom but not one of 
the first row ; c=002 Å 


For bonds between carbon and 5th, 6th and 7th group elements 
(beyond the first row), the electronegativity correction is not required. 
In this case, possibly a still more important effect is produced by the 
double-bond character. 


7.11 Partial Double Bond Character 


It is generally observed that a carbon atom which is adjacent to ~a 
double bond, has its remaining bonds (single or double) shorter‘in length 
than the corresponding pure bonds. For example, the C—H distance in 
ethylene, benzene and other molecules in which the carbon forms a 
double bond is about 1-085 A, whereas in methane, ethane and other 
saturated hydrocarbons this distance is about 1-100 A; the decrease in 
bond length due to the adjacent-double-bond effect is thus about 0-015 A. 
Again, in allene, H.C = C = CH,, the carbon-carbon double bónd 


— (1-310 A) is shorter than pure double bond (1-334 A), the decrease being 


0-024 A. The average of these and similar other observed decreases is~ 
0-020 A. Thus, due to the presence of a double bond adjacent to a car- 
bon: atom, the effective radius of the latter in the formation of another 
double bond or two single bonds is about 0-020 A less than the normal 
radius. y 
Similarly, bond lengths also show shortening when adjacent to a' triple 
bond. In acetylene (H—C= C—H) and hydrogen cyanide (H—C= N), for 
example, the C—H bond is about 0-04 A shorter than that in methane. 


_ The correction to the effective radius of carbon forming a triple bond 


is therefore taken to be —0-04 A. The contraction is seen to be twice as 
great as for the double-bond effect. ~ Wa 
In a conjugated system of single and double bonds, as in 1, 3-butadiene 
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(H.C = CH— CH = CH,), the carbon-carbon single bond, being 
adjacent to two double bonds, would be expected to show a shortening 
in length by 2 x 0-02 A to the value 1:504 A. The central carbon-carbon 
distance in butadiene is, however, found to be still shorter, about 1-46 A. 
This further decrease may be attributed to single bond-double bond 
resonance in butadiene molecule, due to which the central bond in the 
molecule has some double-bond character. 

The amount of double-bond character of a bond is given by its bond 
number. Since bond numbers for pure single and double bonds are taken 
as 1 and 2, bond numbers in the range 1 to 2 represent.amounts of double- 
bond character ranging from 0 to 100 per cent. For example, each of the 
six bonds in benzene has 50 per cent single-bond character and 50 per 
cent double-bond character, and its bond number is accordingly 1-5. 

A smooth curve can be drawn by plotting carbon-carbon bond lengths 
against percentage of double-bond character or bond number. Bond 
number 1.5 and the corresponding carbon-carbon distance 1:393 A, as 
observed in benzene, constitute one point on this curve. Another point 
is obtained from a consideration of the graphite structure. The length 
of each carbon-carbon bond in graphite is 1-42 A and the bond number, 
as shown in the following discussion, is 1-33. 

The graphite crystal is built up of layers of carbon atoms forming a 
hexagonal network; the layers are superimposed on each other and sepa- 
rated by a distance 3-40 A [see Fig. 7.8(a)]. The distance is so large that 
there can be no covalent bonds between atoms of adjacent layers. It is 
therefore reasonable to suppose that the four valences of each carbon 
atom are utilized in forming bonds with its three neighbours in the same 
layer. The valence-bond structure of each layer molecule is thus regarded 
as an array of fused benzene rings, as shown in Fig. 7.8(b). However, 
there can be many such valence-bond structures for the layer molecule. 
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Fig. 7.8 (a) The hexagonal structure of graphite, the unit cell being shown by broken lines, 
(6) The structure of a graphite layer on the basis of the valence-bond- treatment 
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Resonance among these structures makes all carbon-carbon bonds equi- 
valent and each bond accordingly achieves one-third double-bond cha- 
racter (and hence bond number 1.33). 

The pure double-bond distance 1:334 A provides one end point of 
the curve at bond number 2. The other end point corresponds to bond 
number 1 and represents the pure single-bond distance. However, since 
the curve is for application to conjugated and aromatic systems of single 
bonds and double bonds, the value for the pure single-bond distance is 
taken to be 1:504 A (as corrected for two adjacent double bonds). The 
curve through these four points is shown in Fig. 7.9. This curve could be 
used for obtaining information as to the type of a carbon-carbon bond 
from the observed value of its bond length. For example, it is found by 
graphical interpolation that the bond length 1-46 A, as observed for the 
central carbon-carbon bond in the butadiene molecule, corresponds 
‘to about 15 per cent double-bond character. 

Pauling showed that this curve can be represented by the equation, 

i 1-84(n— 1) 

Dn = Dı — (D1— Ds) Sgan + 0-16 (7.10) 
in which D, and D, are the lengths of pure single and double bonds, and 
D, is the Jength of a bond of intermediate type having bond number n. 
This equation has been used by Pauling to calculate bond lengths in 
hydrocarbon molecules involving resonance between carbon—carbon 
single and double bonds. 


Bond length (angstrom) —= 


Bond number —= 


Fig. 7.9 An empirical curve relating carbon-carbon 
bond length with the amount of double bond ‘character 
for molecules involving resonance between single and 
double bonds. (After L. Paume The Nature of the 
Chemical Bond, Cornell University Press, 1960) 
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7.12 Bond Energies 


There are evidences that the heats of formation associated with particular 
bonds are to a large extent additive. In many homologous series of organic 
compounds, for instance, the increase in heats of combustion and hence 
of formation per CH, group, is almost constant at about 160 kcal. It is 
then possible to assign to any linkage a definite quantity known as the 
bond energy. The bond energy, sometimes also called the heat of forma- 
tion of a bond, is equal to the energy of dissociation into atoms in the 
case of a diatomic molecule. In the case of a polyatomic molecule in 
which all bonds are alike, the bond-energy value, however, represents 
the average of the energies required to break all the bonds and not the 
amount required to break just one bond in the molecule, Indeed, the 
latter quantity is referred to as the bond strength; it is obviously not the 
same as the bond energy. While, in general, the ‘strength’ of a particular 
bond will be dependent on its position or type in a given molecule, the 
bond energy is assumed to be constant. For instance, more energy is 
required to remove the first hydrogen atom than the other successive 
atoms from methane, but the bond energy refers to all the four bonds 
and represents an average of the four bond strengths. 

The procedure for computing bond energies involves a knowledge of 
the heats of formation of monatomic gases of elements relative to their 
standard states (Table 7.14) and the heats of formation of molecules. 


Table 7.14 Heat of Formation (kcal/mole) of Monatomic Gases 
of Elements from their Standard States (after Pauling) 


H 52-09 

Li 37:07 C 17170 N 1130 O 5916 F 18-30 
Na 25:98 Si 8804 P 7518 S 53-25 Cl 29-01 
K 21:51 Ge 7844 As 60:64 Se 48-37 Br 26-71 
Rb 20:51 Sn 72:00 Sb 60:80 Te 47-60 I 25:48 
Cs 1883 Pb 46:34 Bi 49-70 — 


Consider the bond H—O. Since the heats of dissociation of hydrogen and 
oxygen are 104-18 and 118-32 kcal/mole respectively, i.e. 
| Hy, (g) —> 2H (g); AH = 104-18 kcal 
O; (g) —> 20 (g); AH = 118-32 kcal 
and since the heat of formation of gaseous water from the elements is 
57-80 kcal/mole, i.e. 
H, (g) + +O, (g) — H,O (g); AH =— 57-80 kcal 


the heat of formation of gaseous water from gaseous hydrogen and oxygen 
atoms is calculated to be 221+14 kcal/mole, as shown below: 
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2H (g) ——> H, (2); = — 104-18 kcal 

O (g) — 40, (2); AH = — 59-16 kcal 

Hi (e) + $ O: (e) —> H,O (g)s._ AH = — 57:80 kcal 

2H (g) + O (g) —> H,O (g); AH =— 221-14 kcal. 

As the water molecule comprises two O—H bonds, their average, 
221-14/2 or 110-57 kcal/mole, is taken as the energy of the O—H bond 
in the water molecule. 

Values for single-bond energies representing the average of all bond 
strengths, as per the definition given above, can be derived for many 
bonds by this process, e.g. for the S—S bond from the Sẹ molecule and for 
N—H, P—-H, S—H, etc., respectively from NH,, PH,, H,S, etc., molecules. 
These values are recorded in Table 7.15. On the other hand, the tabu- 


Table 7.15 Energy Values for Single Bonds (in 
kcal/mole) (after Pauling) 


Bond Bond Bond Bond Bond Bond 
energy. energy energy 


H-H 1042 C-Br 659 AsCl 689 
HC 988 CHI 57-4 AsBr 565 
H-S) 704 Si-Si 42:2 As-I 41-6 
H-N 934 Si-O 882 SbSb 30-2 
H-P 764 = Si-S 54-2. Bi-Bi 25-0 
H-As 586 Si-F 1293 O-O 33-2 
H-O 1106 Si-Cl 857 O-F 44-2 
H-S 811 Si Br 691 O-Cl 485 
H-Se 66:1 Si-I 509 S-S 50-9 
H-Te 575 GeGe 376 S-Cl 59-7 
H-F 1346 Ge-Cl 97:5 S-Br 50:7 
H-Cl 1032 Sn-Sn 342 SeSe 440 
H-Br 875 N-N 384 Te-Te 330 
H-I 714 N-F 645. FF 36-6 
œO 831 N-O 47-7 GIF 60-6 
CSi 693 P-P. 513° CCI 58-0 
CN 697 P-Cl 79:1 BrCl 52:3 
CO 840 P-Br 654 BrBr 461 
CS 620 PI 51-4 I-cr 50-3 
CF 105-4 AsAs 32:1 I-Br 42-5 
C-Cl 78:5 As-F 1113 I-I 36-1 


lated bond-energy values for such bonds as H—H, F—F, Cl—Cl, Br—Br, 
I—I, H—F, H—Cl, H—Br, H—I, Cl—F, Br—Cl, I—Cl, and I—Br repre- 
sent the heats of dissociation of respective diatomic molecules determined 
thermochemically or spectroscopically; the energy values for the bonds 
Si—Si and Ge—Ge, are taken as half the heats of sublimation (per g atom) 
of the respective crystals. This is because these crystals have the diamond 
structure in which each atom is tetrahedrally linked to four other similar 
atoms around it, so that, on the average, removal of each atom involves 
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breakage of 4 x 1/2 or 2 bonds. The molecules of P, and As, in vapour 
consist of regular tetrahedra, each corner of which is occupied by one 
atom linked to three atoms at the other three corners by covalent bonds. 
There are thus, six bonds in each molecule, and the energy values for 
P—P and As—As bonds are therefore one-sixth of the heats of formation 
of the molecules P, (g) and As, (g) from separated atoms. Bond energies 
of S—S and Se—Se bonds are one-eighth of the heats of formation of S3(g) 
and Se, (g) molecules (eight-membered rings containing eight bonds) 
from gaseous atoms. The energy value of the O—O bond is derived from 
the heat of formation of H,O, (g) with the use of the O—H bond energy 
in H,O. That for the N—N bond is obtained from the heat of formation 
of N,H, (g) with the use of the N—H bond energy in NH. 

The use of the bond-energy values of Table 7.15 rests on the funda- 
mental assumption that the energy of a molecule, which can be repre- 
sented by a single valence-bond structure, can be closely approximated 
by the sum of constant energy quantities corresponding to the bonds. 
Indeed, to a considerable extent, this assumption meets with empirical 
justification in the fact that for nearly all molecules the experimental 
heats of formation tally with the summation values of bond energies 
within a limit of only a few kcal/mole. 


Example Calculate the heat of formation of propane from bond energies and compare with 
the experimental result AHy° (C,H, g) = — 24-82 kcal/mole. 
Solution The heat of dissociation of gaseous propane into gaseous atoms should be equal to 

2D(C— C) + 8D(C— H) = 2 x 83:1 + 8 x 98-8 

= 956-6 kcal/mole 

The heat of formation of gaseous propane from gaseous hydrogen and carbon atoms’ is 
therefore AH = — 956:6 kcal/mole. 

The experimental value of the heat of formation of C,H,(g) from elements in their standard 
states is — 24-82 kcal/mole. This on addition of suitable terms from Table 7-14 leads to a value 
of — 954-21 kcal/mole as the heat of formation from monatomic gaseous elements. The dif- 
ference between calculated and experimental values is thus less than 3 kcal/mole. 


Bond energies for multiple bonds can also be derived by combining 
single-bond energies, obtained as above, with the thermochemical data 
for the molecules to each of which a single valence-bond structure can 

: be assigned unambiguously. In Table 7.16 are recorded the values of 
bond energies for multiple bonds derived in this way. These bond- 


Table 7.16 Values of Bond Energies (kcal/mole) 
for Multiple Bonds (after Pauling) 


Bond Bond energy Bond Bond energy 


C=C 147 C=0 164-174 
a= 194 c=S 114 
Cc=N 147 NEN 226 
C=ÆN 207-213 o=0 96 
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energy values can be used in the same manner as the single-bond energies 
considered above. 


Example Calculate the heat of formation of acetylene from gaseous carbon and hydrogen 
atoms. i 


Solution The heat of dissociation of acetylene into gaseous atoms would be equal to the sum 
of the bond energies: 

2D(G— H) + D(G=C) = 2 x 98:8 + 194 = 391-6 kcal/mole 

The heat of formation is therefore — 391-6 kcal/mole. This result may now be compared 
with the experimentally determined value. The heat of formation of acetylene from elements 
in their standard states is + 53-90 kcal/mole. This on addition of suitable terms from Table 
7-14 leads to — 393-7 kcal/mole as the heat of formation from gaseous atoms. The error in 
the above computed result is thus only 2 kcal/mole. 


The bond energy values given in Tables 7.15 and 7.16 are applicable 
only for molecules containing atoms that show their normal valences, 
e.g. 4 for carbon, 3 for nitrogen and phosphorus, 2 for oxygen, and so 
on. Thus, for instance, one should not use the N—H bond energy for 
an ammonium salt, the N—O bond energy for trimethyl amine oxide, or 
the P—Cl bond energy for phosphorus pentachloride. Another limi- 
tation of the values in Tables 7.15 and 7.16 is that they are meant for use 
only in the case of bonds between atoms with zero formal charges. 
For instance, the values are not valid for a molecule such as -N = N— Ot 


7.13 The Coordinate or Dative Covalent Bond 


In a normal covalent bond involving'a shared electron-pair, each mem- 
ber atom supplies one electron; but sometimes one atom is capable of 
providing both electrons and then the bond is frequently called dative or 
coordinate, the atoms united by this bond being distinguished as donor 
and accepter. Though often indicated by placing an arrow directed from 
the donor atom to the acceptor atom, dative bonds are essentially similar 
to normal covalent bonds, since in both, the two electrons are most likely 
to be found between the nuclei. 

Since in the formation of a dative or coordinate bond both the elec- 
trons come from one atom, the symmetrical sharing of these two elec- 
trons would then amount to the donor atom acquiring a formal positive 
charge and the acceptor atom a formal negative charge. For this reason 
this type of bond was sometimes described as a semipolar bond. It is com- 
monly found, however, that the atom which supplies the two electrons, 
and as a result acquires a formal positive charge, is a strongly electro- 
negative atom, such as oxygen or nitrogen, and consequently, the elec- 
trons are, on the average, closer to it than to other less electronegative 
atom. This results in a considerable reduction of the charge separation 
and hence in a lessening of the ionic character. 
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7.14 Covalent Bonds with Odd Number of Electrons 


All of the molecules we have treated so far have required only electron- 
pair bonds. There are also examples of materials containing 1-electron 
and 3-electron bonds. Such examples are, however, limited in number, 
which testifies to the importance of electron pairing in bond formation. 
An important example of 1-electron bond is provided by the hydrogen 
molecular ion H$. Although this species is observed only spectroscopi- 
cally, it is associated with a bond energy of 61 kcal/mole. In terms of 
the VB approach the hydrogen molecular ion may be described as in- 
volving resonance between two structures in which the single electron is 
associated with one nucleus or the other: 

Hilar Ht- siandws HO a) 

The stability of the l-electron bond in Hj relative to H plus H* stems 
- from this resonance. Clearly, such l-electron bonds can form only bet- 
ween like atoms or those of nearly equal electronegativities, since only 
then two resonance structures of essentially equal energies can result. 

Applying similar considerations to Hed, we can write two structures: 

He: ‘Het and Het iHe 
Resonance between these structures results in a lowering of the energy 
relative to He plus He*, and thus leads to the stabilization of the bond 
in He$, which in effect involves three electrons, i.e. He--- He. It 
should be noted that here we have a pairing of electrons on one or the 
other nucleus but there cannot be any pairing between the nuclei be- 
cause of the exclusion principle. Only one electron really plays part in 
the resonance phenomenon. It is, therefore, not surprising that the l- 
and 3- electron bonds have approximately the same energy. The bind- 
ing energies of the bonds‘in Hj and Hej are approximately 61 kcal 
and 58 kcal/mole respectively. Compared to this the strength of the 
electron-pair bond in H, is 109 kcal/mole. Empirically, we may say that 
l- and 3-electron bonds are about half as strong as an electron-pair bond. 

In view of the observed paramagnetism of oxygen, the linkage in the 
oxygen molecule is considered to involve a normal (electron-pair) bond 
and two 3-electron bonds to give the structure 


:0—O: 
Such a structure would give rise to paramagnetism due to two unpaired 
electrons in the molecule. The binding energy of this structure would 
be much the same as that of the structure 

:0 =O: 
with a double bond. The double-bonded structure, however, as it con- 


tains no unpaired electrons, would be diamagnetic. A few other examples 
of 3-electron bonds are: 
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NO :N=O: 
NO, :O-2N=O: 
‘OF OSF: 


clo, :O— ClO: 


_ Since the 3-electron bonds arise from resonance stabilization, they 
can occur only between two like atoms or those differing by not much 
more than 0-5 in electronegativity, because only then resonance struc- 
tures of nearly equal stabilities can result. 


7.15 Electron-deficient Covalent Compounds 


There are instances of compounds in which the number of valence elec- 
trons present is insufficient to account for electron-pair bonds among all 
the constituent atoms. A general feature of these compounds, called 
electron-deficient, is that they contain some electron-deficient atoms, 
having more number of stable bond orbitals than eléctrons in the va- 
lence shell. Boron, for example, has four orbitals in its valence shell but 
only three valence electrons. Other typical examples are aluminium and 
platinum. 

Electron deficient compounds are more characteristic of the elements 
of the Group IIIB than those of any other group, because the Group 
IIIB atoms have the tendency to be 4-covalent but possess only three 
valence electrons. This, however, does not lead to electron deficiency 
in all types of compounds. For example, the trivalent halides (see later) 
are not electron-deficient. However, the hydrides and certain of their 
derivatives do require electron-deficient bonding. Thus a simple hy- 
dride of the composition BH, cannot be prepared, and attempts to 
prepare it lead only to its dimer, B,H,, called diborane. Similarly, the 
simplest hydride of gallium is Ga,H, and that of aluminium is a poly- 
mer (AIH,),. Let us consider here, for detailed examination, the case of 
diborane. At first sight it appears to be analogous to ethane. But if we 
accordingly assign the structure H;B—BH,, we run into an immediate 
difficulty, for it shows seven covalent bonds requiring 14 valence electrons, 
while there are actually 12 electrons in the molecule. Complete electron- 
pair bonding in the usual sense is thus impossible. The difficulty was 
resolved by resorting to the unusual concept of hydrogen-bridged structure 
shown in Fig. 7.10. The structure can be visualized as consisting of two 
irregular BH, tetrahedra having one edge in common. The two boron 
atoms and the four outer hydrogen atoms thus lie in one plane, while 
the bridging hydrogen atoms lie above and below this plane. The length 
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Fig. 7.10 Structure of diborane, B,H, 1.774 


of the outer B—H bonds is 1:19 A which is about that expected for a single 
bond given by the sum of the single-bond normal covalent radii of boron 
and hydrogen (Table 7.10). On the other hand, the distance between a 
boron atom and a bridging hydrogen atom is considerably larger than the 
expected single bond length, indicating the presence of fractional bond. 

Several interpretations of the hydrogen bridge have been made. Out 
of them, the more likely is perhaps the one involving resonance among 
various possible structures (shown below) such as I, II (both covalent), 
III and IV (both ionic): 


H H H 
me rg Daisey 
eg ea b 47 Nu Ny 

i 1 
H H H H H H 
Ner ey Naio 
Kaan? PURS 
uc H H H H H 
IMI IV 


The fact that similar bridge structures are not observed among the 
hydrides of the Groups VB, VIB and VIIB elements may be ascribed, 
in the light of the above picture, to the presence of unshared electron 
pairs that would cause repulsion between the two parts of the molecule. 
However, even in the absence of unshared electron pairs it seems unlikely 
that two parts of a molecule can be held together solely by resonance 
stabilization involving the above four structures. Pauling has given reso- 
nance formulations involving, besides these four structures, sixteen other 
structures having B--B bond. ; 
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In terms of the MO viewpoint, the hydrogen bridge may be visualized 
as a 3-centre bond, being a special case of multicentre bonds, which may 
be four-, five-, six- and, in general, n-centred. Here the molecular orbitals 
are considered to be formed by linear combinations of the atomic orbitals 
of all the atoms involved in the bond. As many MOs are formed as there 
are combining atomic orbitals. We have already seen that the MO picture 
of the electron-pair covalent bond between two atoms requires the combi- 
nation of two atomic orbitals,-one on each atom, giving rise to a bonding 
orbital, ()j, and an antibonding orbital ), (see Section 6.4). Now if there 
are three atoms each with an available orbital, the three orbitals can be 
combined to form three molecular orbitals, shown schematically in Fig. 
7.11 (cf. Fig. 6.6). The first. of these, Ys, which is formed from the three 
atomic orbitals of the same sign is the bonding MO. It leads to a conti- 
nuous electron density encompassing all the three nuclei, which are thus 
held together. The second MO, t),, which is formed from the combina- 
tion of the three atomic orbitals of opposite sign, leads to a depletion of 
electron density in the internuclear region, and is, therefore, antibonding. 
The third MO, ,, formed only from the orbitals of the two outer atoms 
which can have only negligible overlap, is very slightly antibonding and 
so considered to be practically non-bonding. Fig. 7.12 shows the energies 
of these three 3-centre MOs relative to the energies of the combining 
atomic orbitals. Now let us consider the filling of the MOs. The first two 
electrons will fill the lowest-energy bonding orbital and thus give rise to 
maximum bonding energy. If there were a second pair of electrons, they 
would occupy the non-bonding orbital and thus have little effect on bond- 
ing. In fact, two conventional electron-pair bonds between the three 
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Fig. 7.11 Schematic representation of the formation ef 3-centre MOs by combination of 
atomic orbitals 
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Fig. 7.12 Energy level diagram for 3-centre MOs 


atoms would probably be more stable than the system involving 3-centre 
MOs and four electrons. Clearly, the 3-centre bonding concept is advan- 
tageous where there are three atoms but only two electrons for bonding. 
Let us now examine the situation in B,H, in the light of this. The two 
boron atoms have six valence electrons and the six hydrogen atoms have 
six valence electrons, making a total of twelve electrons. Eight of them are 
used in the. formation of four outer B—H bonds. Four electrons are now 
left: one with each boron atom and one with each of the two inner hydrogen 
atoms. We thus see that only two electrons are available for each of 
the two 3-centre (B—H—B) MO systems. As’ we have already seen, this 
situation is specially suited for 3-centre bonding. The hydrogen atom uses 
its 1s orbital, while the boron atom uses some sort of hybrid orbitals made 
up of s- and p-orbitals. í 

At this stage it is important to point out that bridged structures are 
not necessarily electron-deficient. A typical example is aluminium chloride, 
which is a dimer, Al,Cl,, having a bridge-type structure with tetra- 
hedral coordination of aluminium. Electron deficiency does. not exist 
here, since each bridging chlorine atom donates an electron pair to form 
a coordinate linkage with an aluminium atom thus making it 4-covalent. 
In view of this the structural formula is sometimes written as 


cl 
ee ee 
eee ha 4 


However, this representation should not be taken to indicate that the 
bridging bonds are not identical. The bridging bonds are, in fact, identical 
and this may be considered to be due to resonance of the type 


ct cl cl 
ea Rey ia! _ Sas Nai 
ci cl Cr Gey 


' The dialkyl compound, [Al(CH,),Cl],, also has a halogen-bridged 
structure like Al,Cl, with the outer halogens replaced by alkyl groups. 
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Fig. 7.13 Orbital overlaps in Al-C-Al 
bridging 


On the other hand, the bridging in the trimethyl aluminium dimer, 
[Al(CH,),]o, is clearly of a different type. The compound is electron- 
deficient and the bridge-bonding’ must be explained in terms of deloca- 
lized 3-centre MOs as in the case of B,H, and other boron hydrides. To 
explain the formation of the 3-centre (Al--C—AI) bonding, we assume 
that each aluminium atom is hybridized to give four hybrid orbitals 
(resembling, but not exactly, the tetrahedral sp? hybrids). Each aluminium 
atom uses two of these hybrid orbitals and two of its three electrons to 
form two electron-pair bonds with the outer methyl groups. The alumi- 
nium atoms are then left with two hybrid orbitals and one electron each 
for further bonding. The bridging methyl groups are normal methyl 
groups and so can be assumed to have one empty sp? orbital and one 
electron each. The situation is thus suited for 3-centre bonding. Three- 
centre (AI—C—Al) MOs are formed in much the same way as the 
(B—H—B) MOs (see Fig. 7.11). Fig. 7.13 shows a schematic representa- 
tion of the overlap of the aforesaid orbitals which lead to the formation’ 
of two 3-centre (Al—C—Al) bonding orbitals each occupied by two 
electrons. ‘The bridging bond angle (Al—C—Al), as found by X-ray 
diffraction, is 70°. Such a small value implies that, to some extent, the metal 
orbitals do overlap one another (Fig. 7.13), producing some direct metal— 
metal bonding. However, such direct bonding is probably not the domi- 
nant factor in the bridge-bonding. The’ structure of [Be(CH;)2]n also 
involves methyl bridges like those in [AI(CHg)s]2. In the former, 
however, all methyl groups are bridging. 
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Problems 

7.1 Explain why the covalent bond is directional and the ionic bond is non-directional. How 
does this affect the arrangement of atoms in the solid? 

7.2 Discuss, giving examples, which factors promote the formation of ions and of ionic 
` compounds. 

7.3 On the basis of the electronic configurations of the inert gas elements, deduce various 
possible electronic configurations which on ionization could attain inert gas structures. Identify 
the elements and the corresponding ions. 

‘7.4 Write the electronic configurations of some ions to illustrate the inert-pair effect. 

7.5 Account for the variable valency of the transition elements. What properties can be attri- 
‘buted to this feature? 

7.6 Account for the fact that transition elements show greater tendency to form complex ions 
than representative elements. 

7.7 Why does the ionization potential decrease from top to bottom in a Group in the periodic 
table and from right to left across a period. 

7.8 Explain for the fact that the 2nd, 3rd, 4th, 5th and 6th ionization potentials of Li, Be, B, C 
and N, respectively, are disproportionately large compared to the preceding ionization potential. 
7.9 The electron affinity of chlorine is exoetgic while that of oxygen is endoergic. Explain. 

7.10 Employ the Born-Haber cycle and use the data of Appendix 4 and Tables 7.2 and 7.14 
to calculate the lattice energy of KI crystal. Given: The standard heat of formation of solid KI 
is —78-31 kcal/mole. 

7.11 Calculate the standard heat of formation of CH, CCl, and NH; by the use of electrore- 
gativity values of Table 7.6. 

7.12 Calculate the limiting value of the ionic radius ratio for anion-anion contact in sodium 
chloride-type lattice. 

7.13 Listed below are the lattice constants, i.e. the lengths (in A) of the sides of the unit-célls 
of alkali halide crystals; 


Lit Nat Kt 
ai- 514 5°62 6:28 
Br 5:50 5:96 6:58 
r- 6-04 6:46 7:06 


Given the fact that all the aforesaid halides form face-centred cubic crystals, derive a set of ionic 
radii for the alkali and halide ions involved. Assume that anion-anion contact occurs in lithium 
iodide. : 

7.14 Magnesium oxide has the same structure as sodium chloride. Given that the ionic radii 
of Mgt? and O7?, in angstrom units, are 0-65 and 1-40, respectively, calculate (a) the lattice 
constant and. (b) the ionic packing factor of magnesium oxide. 

7.15 Given that AH;s° (C,H,OH, g)= -56:63 kcal/mole, calculate the heat of formation of 
ethanol from monatomic gaseous elements using the data of Table 7:14. 

7.16 Calculate the standard heat of formation of gaseous ethanol using the data of Table 7.14 
and Table 7.15. Compare your answer with the value given in Problem 7.15. 

7.17 Calculate the heats of combustion of gaseous CH,, CF,, BF, and B.H,, using data given 
in Tables 7.14 and 7,15. Which of these gases would you choose as fuels? 


Chapter 8 


Bonding in Metals 


8.1 Introduction. 


A number of characteristic physical properties, of which the high thermal 
and electrical conductivities and the optical opacity are obviously promi- 
nent, sharply distinguish metals from other types of solids. It is logical to 
infer from these properties the presence of free electrons in metallic solids. 

In fact, such thinking has had a profound influence in the development of 
` election theories of metals which started in the early years of the present | 
century and was associated with the work of Drude, Lorentz, Sommer- 
feld, Fermi and Bloch. As initially proposed, the electron theory was a 
model for the metallic state, but with the development of the theory it 
turned out to be a model for the solid state in general and provided a uni- 
fying approach to broad aspects of all types of solids. These theories— 
classical free-electron theory, wave theory and zone theory—form a con- 
nected sequence in this development. 


8.2 Classical Free-Electron Theory 


This theory, first proposed by Drude and Lorentz, was: based on the idea 
that high electrical and thermal conductivities of metals are due to the 
presence of free electrons. They postulated that, since some or all of the 
valence electrons (i.e. the outermost electrons of an atom) may be removed 
relatively easily, while the rest of the electronic population is held firmly 
to the nucleus, the solid metal consists, in effect, of a lattice of rigid spheres 
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Fig. 8.1 A schematic representation of electron Bi 

‘cloud’ and positive ‘cores’ in copper, as an iy G) G)_ 
example; the attraction between the positive ae as 

‘cores’ and’ the free electrons constitutes the G) i © w © 
metallic bond 


permeated by a gas of the valence electrons (Fig. 8.1). They further postu- , 
lated that these electrons are free to move throughout the volume of the 
metal without any restriction; that is, within the metal the valence elec- 
trons move in a perfectly uniform electrostatic field. However, the fact 
that the electrons under normal circumstances do not escape from the 
metal, indicates that a potential gradient exists at the surface to keep them 
inside the metal. 

Though the Drude-Lorentz theory gives a greatly simplified picture, it 
does, nevertheless, afford a useful explanation for many of the properties 
of metals, as briefly enumerated below. 

(i) The coherency of the metal structure may be regarded as stemming 
from the attraction between the positive ions and the electron gas. That 
a metallic object displays resistance to complete fracture or disruption, 
despite suffering deformation relatively easily, may be accounted for by 
the existence of these attractive forces. 

(či). This picture of the coherence of'a metal, furthermore, confers on 
the metallic bond a freedom from spatial or numerical limitations, thus 

- sharply distinguishing it from both covalent and ionic bonds. While in a 
covalent structure the bonds associated with one atom are severely limited 
by the number of bonding electrons and by definite directional character- 
istics, in an ionic crystal, on the other hand, the limitations on the types 
of structure are imposed by the demands of electrical neutrality. In 
metallic systems, however, none of these limiting factors arises; here the 
bonds from any one atom-are to be regarded as spherically distributed 
and consequently as being capable of holding as many neighbours as can 
be packed around the atom concerned. The structure of a metal would, 
therefore, be expected to be/dictated by geometrical considerations alone. 
And this seems to be generally the case, since many metallic elements are 
known to possess one or other of two close-packed structures, which are, 
indeed, the representatives of the geometrically most compact arrange- 
ment of spheres in space. The comparatively high densities of metal are 
thus immediately accounted for by this picture of the metallic bond. The 
non-directional characteristics of the metallic bond, moreover, may be 
held to be responsible for the remarkable mechanical properties of metals, 
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such as ductility, malleability and flow upon application of stress. 

(iii) Since free electrons are free to move in an electrical field and can 
transfer thermal energy from a high to a low temperature level, they give 
the metal its characteristically high electrical and thermal conductivities. 


8.3 Wave Theory and Zone Theory of Metals 


The development of quantum mechanics and the enunciation of the Pauli 
exclusion principle led to the modification of the Drude-Lorentz theory 
by Sommerfeld. He retained the concept of free electrons moving in a 
uniform potential within the metal as in the Drude-Lorentz theory, but 
treated the electrons as obeying the laws of quantum theory instead of 
those of classical mechanics. A further modification was later introduced 
by postulating that the potential field inside the metal is not uniform but, - 
instead, the field experienced by a moving free electron varies periodically 
with the repeated pattern of positive ions in a crystal. These modifications 
led to this picture of the metallic state: Valence electrons of the atoms 
within a certain piece of metal constitute a single system of electrons 
common to the entire piece. They occupy a large numberof discrete 
energy states each of which can hold no more than two electrons. These 
energy states are very closely spaced so that the resulting band (also 
called Brillouin zone) can, in effect, be regarded as a continuous spread 
of allowable energies. The electrons in the upper energy levels in these 
bands or-zones may be transferred from one energy state to another 
without expenditure of large amounts of energy. It is because of this that 
some (but not all) electrons within the metal are comparatively mobile. 


8.4 Molecular Orbital Approach 


The band theory or zone theory, as we have noted above, is based on the 
wave-mechanical treatment of the motion of electrons in a periodic field. 
However, an alternative way of developing the concept of energy bands 
is by using the molecular orbital (MO) approach. This will now be 
presented. 

We have already seen (in Chapter 3) that isolated atoms in their normal 
state have a certain complement of electrons, each of which is character- 
ized by a set of four quantum numbers. These are: principal quantum 
number, n = 1, 2, 3, 4,......3 azimuthal quantum number, / = 0, 1, 
Pia pip ae HE (n— 1), corresponding to the designations s, p, d, f, ...... ‘ 
etc.; magnetic quantum number, m = l, (J— 1), ....0...,(—/ +1), 
— l; and spin quantum number, ms, which can have two values, viz. 
1/2 and — 1/2 for each different set of three quantum numbers n, / and 
mı. According to the Pauli exclusion principle, no two electrons in any 
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particular atom can have the same set of four quantum numbers, and so an 
energy state defined by a set of three quantum numbers (n, / and mj) can be 
occupied by only two electrons which however differ in the fourth quantum 
number, (+) or (—) spin. -In-an isolated atom these electronic energy 
states are discrete. The situation however changes if we bring a pair of 
atoms near one another so that their outermost electron orbitals overlap. 

Consider, for example, two isolated hydrogen atoms; each atom has a 
single electron in the 1s energy state. When the two atoms are brought 
together there are formed, according to the molecular orbital 
theory, a more stable o, molecular orbital and a less stable o,* molecular 
orbital. The important point is that when two atoms are brought to- 
gether, for each energy state of the isolated atom there are formed a more 
stable (lower energy) state and a less stable (higher energy) state. Thus 
when N atoms are brought together, V new energy states are formed for 
cach energy state in an isolated atom. Moreover, it is an essential feature 
of the molecular orbital theory that the electrons concerned in inter- 
atomic bonding are not to be associated with individual atoms, but that 
they exist: in molecular orbitals embracing all the atoms involved. In 
the case of benzene, for example, we have seen (Section 6.10) that some of 
the electrons occupy delocalized m molecular orbitals that extend over 
the whole molecule. Extending the above concepts to a crystalline solid 
(whether metal or not), which consists of myriad atoms brought together 
into the solid state, we may regard that the valence electrons of the atoms 
constitute a single system of electrons common to the entire crystal and 
that in place of each precisely defined energy level of an individual atom 
the entire crystal now possesses a band of energy made of a very large 
number of separate levels. The energy levels in a band are therefore very 
close together, so that the band can in effect be regarded as a continuous 
spread of allowable energies. The energy bands are therefore the zones 
discussed earlier. 

Consider solid aluminium as a particular example to illustrate the above 
viewpoint. The electronic configuration of an isolated aluminium atom is 
15?2572p%35°3p1, and accordingly, the energy level pattern for a single 
atom can be represented schematically as in Fig. 8.2. The 3s clectrons of 
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Fig. 8.2 Schematic energy level pattern for an isolated atom; Each 
energy state can accommodate only two electrons. For aluminium all 
the states up to the 3s level are full, while there is only one electron in 
the 3% level 
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all the individual atoms have the same energy, and so do the 3p electrons. 
But as an assembly of atoms is (imagined to be) brought closer and closer 
together, interaction of the 3s electrons takes place and new energy states 
(as many as there are atoms) are established which are distributed over 
a quasi-continuous range of energies or an energy band. Since on account 
of the Pauli exclusion principle at most only two electrons (of opposite 
sign) can occupy the same energy state, the 3s electrons are now spread 
over a range of energies in the energy band. The closer the approach of 
the atoms the broader the band becomes, as indicated schematically in 
Fig. 8.3. The 3p levels in an isolated atom are only slightly higher than the 
3s level. On bringing the atoms closer, the 3p levels, like the 3s level, 
spread out forming a band. However, the core electron levels never actua- 
ally form bands, since the core electrons (i.e. the non-valence electrons), 
being too closely associated with their nuclei, do not interact significantly 
at any realizable internuclear distance. 

A band may be symmetrically above and below the value for the 
corresponding energy level of the isolated atom; or it may have levels 
„which are predominantly above the isolated level or below that level. 


Free 
atom 


internuclear distance ———~ 


Fig. 8.3 Schematic representation of the spreading of 
the energy levels of isolated aluminium atoms as the 
atoms condense to formla crystal. The broken line re- 
presents the actual internuclear distance in the solid 


234 Bonding in Metals 


The raised levels of a band are said to be promoted and the lowered levels 
to be depressed. The average energies in the 3p and 3s bands at first drop 
below the 3p and 3s atomic levels, respectively, implying attractive forces. 
The equilibrium internuclear distance in the solid (as indicated by the 
dashed line in Fig. 8.3) corresponds to a situation of minimum average 
energy. If the internuclear distance is continuously decreased, however, 
all levels will eventually be promoted because of the repulsion forces 
setting in. 

The energy bands may overlap as shown in Fig. 8.3, so that electrons 
may be exchanged between two or more bands within the overlap region. 
In such a case, it is impossible to identify the electrons, for example, in 
solid aluminium as 3s or 3p, and the true state of affairs is better repre- 
sented as a ‘hybrid’. This is another way of describing the phenomenon 
of hybridization. This emphasizes that when atoms are closely associated 
as in the solid state, the configurations of the outermost electrons may be 
quite different from those given in Appendix 2 which are applicable only 
to isolated atoms in their ground states. This situation is particularly 
true of the transition metals, in which electron exchange between several 
bands frequently occurs in the solid state. 

The energy bands in a solid, as we have seen, correspond to the energy 
levels in an isolated atom. An electron in a solid can thus have only those 
energies that fall within an energy band. Some energy bands in a solid 
may overlap, as in Fig. 8.3, and in such a case there is then a continuous 
distribution of allowable energies for its electrons. In other solids, the 
bands may not overlap, and the gaps between the bands then represent 
energies which their electrons cannot possess. Such gaps are therefore 
called forbidden bands, and correspond to ranges of forbidden energies that 
sometimes occur separating successive Brillouin ‘zones. 

The energy-band structure as revealed by the Æ versus interatomic 
distance graph can be conveniently represented by a bar graph. Fig. 8.4, 
for example, shows the valence energy band which is characteristic of 
alkali metals. As has been already shown, a band contains as many 
energy states as there are atoms in the solid, and each state in the band, 
like each state in the atom, is able to contain two electrons. Since alkali 
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Fig. 8.4 The band structure for sodium 


Atomic Structure and Chemical Bond R 235 


1 


metals have' only one valence electron per atom, their energy bands are 
only half-full. Applying these arguments to alkaline earth metals, it would 
appear, since there are row two valence electrons per atom, that the first 
valence band (e.g. the 3s band in magnesium) would be just filled. How- 
ever, in these metals it happens that the second valence band (e.g. the 3p 
band in magnesium) overlaps the first valence band, and in consequence, 
some electrons overflow into levels in the second band with the result 
that neither of the bands is completely ful. This is shown in Fig. 8.5. 
(The bands are displaced laterally for clarity.) Fig. 8.6 shows the energy- 
band structure for aluminium. Here also the first band (i.e. the 3s band) 
partly overlaps with the second band (i.e. the 3p band), but there being 
three valence electrons per atom, the first band is completely filled, while 
there are many vacant levels in the second band. ‘The group TV elements 
(C, Si, Ge, Sn), with four valence electrons per atom, have no vacant 
levels in the first two bands, and here the adjacent bands do not overlap, 
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Fig. 8.5 The band structure for magnesium. (The bands are shown 
displaced laterally for clarity.) 
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Fig. 8.6 The band structure for aluminium. (The bands are 
displaced laterally for clarity.) 
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Fig. 8.7 The band structure for diamond 


so that energy gaps are present (Fig. 8.7). The size of the energy gap 
varies from material to material, and so also the property of electrical 
conduction. 

An essential condition for high electrical conductivity is that there should 
be filled levels and vacant levels within the same energy band or zone, 
so that the outer electrons can be energized by small electrical fields. 
This condition is obviously satisfied in the case of common metals 
whose band structures have been discussed above. Because of the pre- 
sence of filled bands and energy gaps, the Group IV elements have lower 
conductivities (and thus high resistivities). The resistivity decreases in 
the order: carbon (diamond), silicon, germanium and grey tin, a-.d the 
difference in resistivity is directly associated with the size of tue energy 
gap which also decreases in the above order. If the energy gap is only a 
few kT (1 kT = 0-025 eV at 25°C), sufficient number of electrons can be 
raised by thermal energy to the empty levels in a higher energy band 
across the energy gap to provide semiconduction. Pure materials with 
this characteristic are called intrinsic semiconductors. In impurity semi- 
conductors, known as extrinsic semiconductors, the impurities provide 
intermediate energy levels (electron donor levels or electron acceptor levels) 
in which electrons can reside, so that even though the energy gap as such 
may be quite great, the energy needed to activate electrons (from the donor 
levels to the next higher band or from the filled valence band to the 
acceptor levels lying closely above it) for conduction is not much. 


Band structure of transition metals. The: transition metals exhibit 
relatively large electronic specific heat and low electrical and thermal 
conductivities as compared to other metals. This behaviour can be traced 
to the respective band structures. As shown in Fig. 3.6 for isolated atoms, 
the d levels in transition metals actually lie close to or below the s levels. As 
the isolated atoms are (imagined to be) brought together to form the solid 
state, both the s- and d- levels spread out to form bands, the former, how- 
ever, more markedly than the latter [Fig. 8.8(a)]. Moreover, there are only 
two electrons per atom possible in the s band, whereas the d band can 
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Fig. 8.8 (a) Broadening of 4s and 3d bands in transition metals of the iron group. (b) The 
band structure for copper. (c) The band structure for iron. 


contain ten electrons per atom. The density of energy states is, in conse- 
quence, higher in the d band than in the s band. Since the s- and d-bands 
overlap, there occurs hybridization between the s- and d-orbitals and so 
both s- and d-electrons are valence electrons. In the case of copper, as 
shown schematically in Fig. 8.8(b), the 3d band is completely filled, but 
the 4s band is half-filled, since there is only one s electron per atom. ' 
Similarly in silver and gold the 4d and 5d bands are completely filled, 
and the 5s and 6s bands are half-filled. The elements copper, silver and 
gold are, therefore, good conductors. The transition elements preceding 
these have less than the full complement of ten electrons in the d state. 
For example, the electronic configurations (omitting the inner electrons) 
of the most important metals, Fe, Co and Ni, preceding Cu are 3d°4s2, 
3d74s°, and 3d84s? respectively. Since in the solid state, the s- and d-bands 
are spread out into overlapping bands, the available s- and d-electrons 
divide themselves between the two bands in a way-that depends on the 
details of the band structure. Thus, in contrast to the electronic structures 
for the isolated atoms given above, those for solid iron, solid cobalt, and 
solid nickel are 3d7-8 4592, 38-3 459-7, 3q9-4450-6 respectively, There are there- 
fore vacancies or ‘holes’ in the d band, e.g. 2.2 ‘holes’ in the d band of 
solid iron [Fig. 8.8(c)]. Vacancies also exist in the s band, and these 
vacancies plus those in the d band permit increased possibilities for energy 
transformations among the s- and d-electrons. Because of the d-s electronic 
energy transitions, the transition elements are characterized by relatively 
high electronic specific heat and low electrical and thermal conductivity 
as compared to the non-transition elements. 

Paramagnetism is associated with unoccupied levels in the d band, 
and the amount of such unoccupied levels is taken as being equal to the 
Saturation intensity of magnetization in Bohr magnetons. Since the 3d 
band in copper is completely filled, copper is expected to be diamagnetic, 
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as found. The saturation magnetization of nickel corresponds to 0.6 Bohr 
magneton per atom. The number of electron vacancies in the 3d band 
is accordingly 0.6 per atom. There are, therefore, (10—0.6) or 9.4 d-electrons 
and 2—(9.4—8) or 0.6 s-electrons, so that the electronic structure of solid 
nickel is 3d:4 4s%8. Similarly, in cobalt and iron the number of electron 
vacancies in the 3d band are 1.7 and 2.2 respectively. The number of 
s-electrons in cobalt is hence 0.7, and in iron 0.2. Alloying studies furnish 
an experimental check of the validity of this concept. In copper-nickel 
alloys, for instance, the components form a complete series of solid solutions. 
The progressive substitution of nickel (At. No. 28) by copper (At. No. 29) 
therefore essentially consists in addition of valence electrons to the crystal 
Jattice. These electrons, for energetic reasons, gO mostly to the d band 
so long as it has ‘holes’ or electron vacancies to be filled up. In accordance 
with this, the saturation magnetic moment of the ferromagnetic alloys of 
nickel and copper does fall linearly with increasing copper content in the 
alloy, and may be extrapolated to zero at about 60 atomic per cent of 
„copper. With this composition, the valency electrons from the copper 
have filled the 0.6 electron vacancies per atom of nickel in the 3d band, 
so that the alloy is non-magnetic. Similar studies of other alloys of nickel 
show, for example, that the saturation moment is decreased by 2, 3 and 
4 Bohr magnetons per atom for each atom addition of Zn, Al and Sn, 
respectively to nickel. Alloying with cobalt or iron, however, increases the 
number of holes in the d band, and the saturation moment thus increases. 


8.5 Valence Bond Approach 


An alternative view of the metallic bond, on the basis of the valence bond 
theory, was developed principally by Pauling. It treats metallic bonding 
as being essentially covalent in origin and pictures, the metallic structure 
as involving resonance of electron-pair bonds between each atom and its 
nearest neighbours. 

It is known that, in the gas phase, certain monovalent metals (lithium, 
for example) form diatomic molecules which presumably consist of two 
atoms held together by a covalent electron-pair bond. In terms of the VB 
theory, such bonds are also assumed to operate between atoms in the solid 
state, and since the number of valence electrons available (lithium, for 
example, has only ne valence electron per atom) is inadequate for forma- 
tion of electron-pair bonds between each atom and all its neighbours 
(eight in lithium), resonance is assumed to take place throughout the 
solid. Considering lithium as an example, if each atom retains its single 
valence electron, the resonance of pairs of bonds must be assumed to be 
synchronized throughout the solid, which, in two dimensions, may be 
represented as: 
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However, the stabilization through this type of resonance would be 
relatively small. If we assume unsynchronized resonance between arrange- 
ments in which ions are also involved, such as 

Li —— Li Li —— Li- 

<> | 

Li Li Lit Li 
a much greater stability will result because far more numerous structures 
will be possible through such resonance. This process, however, requires 
the presence of a low-energy vacant orbital on the lithium atom to receive 
an extra electron to form the Li” ion. We find that this condition is satis- 
fied, for in the lithium atom there are three vacant 2p orbitals which are 
energetically only slightly above the 2s orbital, so that an electron from 
the 2s orbital of one atom can be easily transferred to a vacant 2p orbital 
of another atom to form Li ion with the structure 15225121, 


Li 


Metallic conductivity. An important and characteristic property of 
metals is their high conductivity. As in the molecular orbital theory, so 
also in the valence-bond theory, the essential requirement for metallic con- 
duction is the presence of vacant orbitals, of energy very close to that of 
the occupied orbitals, to accept conductivity electrons. These orbitals are 
termed ‘metallic’ orbitals. Therefore, the requirement, in terms of the 
VB theory of metals, for the existence of a conducting metallic structure 
is that there shall be a sufficiency of orbitals, energetically not very dif- 
ferent from the outermost occupied orbitals, to permit formation of 
resonating covalent bonds, and in addition, one or more vacant orbitals 
to receive conductivity electrons. Let us examine whether these conditions 
are satisfied in the example of lithium given above. The three vacant 2p 
orbitals in lithium are of energy very close to the 2s orbital occupied by the 
valency electron. While the 2s orbital and one of the 2p orbitals (in the 
Li” ion) are available for the formation of two covalent bonds, the remain- 
ing two 2 orbitals which are vacant can actas metallic orbitals and contri- 
bute to metallic conduction. 


Cohesion energy. Metals are characterized by high cohesion energy, 
much higher than in molecular crystals. This is easily explained by the 
VB theory. Since in any finite crystal of metal there is an extremely large 
number of resonance structures, the resonance energy and hence the 
cohesion energy would be expected to be large. 

Cohesion energies of metals are found to be a periodic function of the 
atomic number. Considering, for instance, the 18-membered periods, 
it is observed that the cohesion energy increases to a maximum in the 
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region of the vanadium or chromium groups, drops to a minimum with 
the zinc group and then again increases. This trend is in agreement with 
the VB treatment of the 18-membered periods, Thus since the alkaline 
earths, with two valence electrons per atoms, can form two~bonds per 
atom in any resonance structure, they have a larger cohesion energy than 
the alkali metals having only one valence electron per atom. This trend 
continues as the number of valence electrons increases, until sufficient 
number of electrons become available to doubly fill the d orbitals, thereby 
preventing their use in bond formation — a situation which is reflected 
in decreasing cohesion energy. The cohesion energy increases again when 
the orbitals are occupied by unpaired electrons. 


Metallic radii. The VB theory of metals has been successfully applied 
in interpreting atomic radii in metallic systems in relation to those observ- 
ed in covalent systems. That there should be a close relationship between 
thé two is understandable in terms of the VB theory, since it considers 
the metallic bond as being essentially covalent in origin. 


Distribution of metallic properties. The VB theory of metals gives 
us a clear picture of the distribution of metallic and non-metallic proper- 
ties among the elements of the periodic table. Considering first the 
second and third periods, namely lithium to neon and sodium to argon, 
we find that only four orbitals (one s and three $) are available for bond 
formation, and consequently, if four or more valence electrons are present 
it will be possible for all the orbitals to be occupied by pairs of electrons 
through bond formation, as in diamond and silicon crystals, or in mole- 
cules of nitrogen, oxygen, fluorine, etc. It is therefore understandable that 
the metallic properties observed in these two periods are confined to the 
elements of the first three groups. 

Next, as we move to the long periods, the number of orbitals available 
for bond formation increases to nine, because there are now five d orbitals 
in the penultimate shell differing little in energy from the one s- and three 
p-orbitals of the outermost shell. It is, however, the distribution of the 
available electrons among these nine orbitals that determines the proper- 
ties of any particular element. Consider, for instance, the element zinc in 
the first long period. The 12 electrons in the outer group of orbitals, 
namely, 3d, 4s and 4p, may be distributed differently to give three con- 
figurations, say Zn,, Zng and Zng, as shown in Fig. 8.9. (Each arrow in 
the diagram represents an electron.) It is seen that while Zn, has no wholly 
vacant ‘metallic’ orbitals and its configuration corresponds to a purely 
covalent non-metallic structure of covalency 6, both Zn, and Zng, how- 
ever, possess vacant metallic orbitals to permit unsynchronized resonance. 
Assuming that each of these three configurations contributes to the actual 
structure of zinc, we get an explanation for the fact that zinc does not 
have all the characteristics of a truly metallic element; its structure, for 
instance, is not a truly close-packed one. 
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Fig. 8.10 Two possible electronic configurations for tin 


Let-us now consider the case of tin, a B sub-group element in the second 
long period. Two possible configurations shown in Fig. 8.10 may be written 
for this atom. Sn, with no vacant metallic orbitals corresponds to a purely 
covalent non-metallic structure of covalency 4, and by analogy with the 
configuration of carbon it would be expected to adopt the diamond struc- 
ture. The fact that grey tin (an allotropic modification of tin, stable below 
18°C) is an insulator having the same structure as diamond suggests that 
its configuration corresponds to Sn,. The alternative configuration, 
Sng, has two orbitals:available for covalent bond formation and there is 
also one vacant metallic orbital to confer metallic properties. White tin, 
which is the common form of tin, stable above 18°C, has metallic proper- 
ties but does not have the close-packed structure of metals. This suggests 
that both Sn, and Sns contribute to the actual structure, of white tin. 

Before we consider the application of the VB treatment\to transition 
metal structures, we must introduce the idea that all singly-occupied 
orbitals need not be bonding orbitals. Thus in the d shell there may occur 
some unpaired electrons which do not take part in bonding. These non- 
bonding unpaired electrons are important as they contribute magnetic 
dipole moment, and thus confer paramagnetic properties on the structure. 
On the other hand, a structure in which all the electrons are paired does 
not have permanent magnetic dipole moment and is therefore diamagnetic. 
Let us consider the transition metal nickel as an example. We can formulate 
two configurations for it, shown as Ni, and Ni, in Fig. 8.11, where a 
dotted arrow represents an unpaired electron in a non-bonding orbital. 
Having no metallic.orbital, Ni, corresponds to a purely covalent non- 
metallic structure of covalency 6; but the presence of two singly-occupied 
non-bonding orbitals renders it paramagnetic. Ni, on the other hand, 
possesses.a vacant metallic orbital and is therefore metallic, but the absence 
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Fig. 8.11 Two possible electronic configurations for nickel 


of singly-occupied non-bonding orbitals makes it diamagnetic. That 
nickel is a patamagnetic metal indicates that the actual structure is a 
combination of both the configurations, while the magnitude of the 
observed paramagnetism is a measure of their relative contributions. 

It is apparent from the above theories on the binding in metals that the 
metallic bond partakes of the characteristics of both ionic and covalent 
bonds but is at the same time distinct from each. Like covalent and 
ionic bonds, the metallic bond also constitutes a type of primary bond, 
but is also perhaps the least understood of all the primary bond types. 
There are many bonds which do not strictly belong to any of the three 
types but are intermediate between truly ionic and truly covalent bonds, 
ionic and metallic bonds, or between covalent and metallic bonds. 
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i ` Problems 


8.1 How does the metallic bond differ from truly covalent and ionic bonds? 

8.2 Explain why the metallic bond is non-directional. How does this affect the structural 
arrangement of atoms? ; 

8.3 Account for the ductility of metåls in contrast to brittleness of glass. 

8.4 Assuming that the valence electrons are free and they obey kinetic laws, as on the classical 
free-electron theory, calculate the electronic contribution to heat capacity of metals. 

8.5 Calculate the total number of energy states needed to accommodate the valence electrons 
in a cc of silver. 

8.6 How do you explain from the zone theory that the free electrons in a metal make very 
little contribution to its heat capacity? 

8.7 Account for the fact that resistivity of metals increases with temperature whereas that for 
semiconductors and insulators decreases with temperature- 
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8.8 How do you account for low electrical and thermal conductivity of the transition metais 
as compared to other metals? 

8.9 How can the metallic and non-mefallic behaviour of white tin and grey tin be explained? 
8.10 The saturation magnetization of iron corresponds to 2.2 Bohr magnetons. Deduce the 
electronic configuration of solid iron and compare with that of solid copper which is diamagnetic. 
Which of the two metals will have a higher electrical and thermal conductivity? 


Chapter 9 


Secondary Bond Forces 


9.1 Introduction 


While the atoms in a molecule are held together by primary bonds, there 
are still other forces which act between molecules. These intermolecular 
forces are generally known as secondary bond forces. Though not of great 
importance in the formation of stable chemical compounds, these forces 
are responsible for the aggregation of molecules into solid and liquid 
phases. The first quantitative statements about interrholecular forces 
were made by van der Waals in his studies of equation of.state for real 
gases. Intermolecular forces are, therefore, frequently called van der 
Waals forces. 


9.2 Chemical Dipoles 


Many combinations are known which result from electrostatic attractions 
but are not related to electron transfer or sharing. These, however, in- 
- variably involve chemical dipoles. 

A chemical dipole arises when there exists an unequal charge distri- 
bution between two atoms of a molecule, the inequality being caused by 


` the differences~in the electronegativities of the constituent atoms. A 


dipole may be a diatomic molecule or an angular polyatomic molecule; 
in either case, it is, in effect, a non-ionic entity, one end of which bears a 
positive or a negative charge with respect to the other. The term dipole 
moment (u). then refers to the product of this charge and the distance 
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between the charge centres. Having magnitudes of the order of 10-18 
esu (1 debye or 1D = 1 x 10-18 esu), dipole moments are expressed ‘in 
debye units. 

The relation between the numerical magnitude of dipole moments of 
simple molecules such as those of the hydrogen halides and electro- 
negativity of the halogens has been emphasized earlier in Section 7.7. A 
polyatomic molecule, however, can have a zero dipole moment even when 
its individual bonds possess dipole moments The example of carbon 
tetrachloride has already been cited. Another example is carbon dioxide 
which has zero dipole moment, notwithstanding that carbon and oxygen 
differ markedly in electronegativity. Each C—O bond possesses a dipole 
moment because of the substantial difference in eclectronegativity. But 
since the CO, molecule is linear (O—C— O), the individual C—O dipoles 
oppose and neutralize each other with the result that the net dipole moment 
of the molecule is zero. On the other hand, since the molecule H,O is 
angular in arrangement, the individual O—H dipoles cannot neutralize 
each other and the molecule thus has a net dipole moment. It is of the 
order of 1.71-1.97 x 10738 esu. 


9.3 Dipole Attractions 


The existence of dipoles enables apparently neutral molecules to attract 
other such molecules or various ions, leading to combinations which are 
often apparently stoichiometric. Some such attractions are described 
below. l 


Between dipole and dipole. Bearing opposite charges at the ends, 
dipoles will obviously attract each other. Though not large, these attrac- 
tions are, however, of sufficient magnitude to cause alignment of molecular 
particles as in many associated liquids of the polar type and are mani- 
fested in profound alteration of physical properties. The hydrogen bond is 
a familiar example of this type of attraction. It is described in greater 
detail in Section 9.4. 


Between ion and dipole. This kind of attraction is responsible for the 
solvation of ions by polar solvents and the dissolution of ionic substances 
in such solvents. It also probably plays a part in the formation of many 
coordination compounds. 


Between ion and induced dipole. Dipoles may also arise due to induc- 
tion by ions. Thus, when a strongly positive or strongly negative ion is 
brought in the vicinity of a molecule in which the outer electrons are far 
from the positive nucleus, the electronic structure of the molecule is 
distorted with the result that an induced dipole is formed, which is then 
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attracted to the ion. Certain complex ions are possibly formed in this way. 

For instance, the formation of the tri-iodide ion by the reaction 
+i Ty 

is apparently due to polarization of the iodine molecule by the iodide ion. 


Between dipole and induced dipole. Just as ions induce dipoles in 
molecules having easily deformable electronic structure, so do strong 
dipoles. The attractive forces arising in the latter cases would, however, 
be weaker than those associated with ion-induced dipoles. The formation 
of hydrates of inert gas elements may be attributed to this type of 
attraction. 


Between mutually induced dipoles. Such attractions, though extre- 
mely weak, do exist between certain neutral atoms or molecules, as is 
apparently manifested in the liquefaction of symmetric molecules and 
inert gas elements at sufficiently low tempetatures. These attractions are 
discussed in Section 9.5. 


9.4. The Hydrogen Bond 


Under certain conditions an atom of hydrogen is attracted simultaneously 
to two (more electronegative) atoms, instead of one, so that it may be 
considered to be acting as a bridge or bond between them. This type of 
bond in which a hydrogen atom is associated with two other atoms is 
called the hydrogen bond. 

Since the hydrogen atom, with its single 1s orbital cannot form more 
than one pure covalent bond, the attraction of two atoms must be due 
largely to-electrostatic or ionic forces. It is easy to see from this conception 
of the ionic nature of the hydrogen bond that the coordination number 
of hydrogen is restricted to the value 2. Having no electron shell around 
it, the hydrogen ion or proton is a vanishingly-small cation. It would 
attract one anion to the equilibrium internuclear distance which is 
obviously equal to the anion radius and then attract in the same way 
another anion to form a stable complex. As shown in Fig. 9.1, a third 
anion would be stopped by anion-anion contacts, so the hydrogen ion 
has only two nearest anion neighbours. 


Fig. 9.1 Noh 
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Since the hydrogen bond is ionic in nature, only the most electronega- 
tive atoms should form hydrogen bonds, and the strength of such bonds 
should increase with increase in the electronegativity of the bonded 
atoms. Consequently, with reference to the electronegativity scale 
(Section 7.3), fluorine, oxygen, nitrogen and chlorine would be expected 
to possess hydrogen-bonding ability to an extent decreasing in this order. 
In fact, empirical observations indicate that fluorine forms very strong 
hydrogen bonds, while oxygen forms weaker ones and nitrogen still 
weaker ones. However, a given electronegativity alone cannot account 
for the hydrogen-bonding tendencies; thus, for instance, though nitrogen 
and chlorine have the same electronegativity, nitrogen has considerably 
greater hydrogen-bonding power. This may be due to the small size of ` 
nitrogen (relative to chlorine) as a result of which its electrostatic inter- 
actions are stronger than those of chlorine. i 

From the electronegativity difference of O and H, the amount of partial 
ionic character of the O—H bond is calculated to be 39 per cent. This 
means the hydrogen atom is liberated from covalent bond with. the 
adjacent oxygen atom to the extent of 39 per cent and hence can form 
fractional covalent bond (i.e. a bond with bond-number less than 1, 
and so having bond length greater than that for a single bond) with the 
oxygen atom of another molecule. Thus the hydrogen atom is close to 
one of the two adjacent atoms in the hydrogen-bonded group O—H -: -O. 
For instance, in ice the two oxygen—hydrogen distances, as determined 
by neutron diffraction, are 1.00 A and 1.76 A. 

As is expected, hydrogen bonds are formed primarily between highly 
electronegative atoms such as F, O, N and Cl. There are, however, 
evidences that carbon which is substituted with negative groups, ¢.g. 
in CHCl;, HON, etc., also enters into hydrogen bonding. 

The hydrogen bond is comparatively weak, its bond energy (that is, 
the energy of the reaction A-~-H+B>A—H -- - B) is in most cases in the 
range of 2 to 10 kcal/mole (Table 9.1) as compared to approximately 


Table 9.1 Typical Hydrogen Bond Lengths and Energies 
O AD S es OTL NG SB 


Dissociation energy 


Bond Bond length*, A (keal/mole) 
ARID. Nicwee E Nd Re E al 
C-H:::N Ae 3 
O-H::+N 2:8 4-7 
O-H:::O 2-6-28 3-6 
O-H::-Cl 3-1 wee 
N-H::-N 3-1 3-5 
N-H::-O 2-9-3-0 4 
N-H- -Cl 3-2 E 
N-H -F 28 5 
F-H:-:F 2-4 7 


* Bond length denotes A to B distance in A-H '- *B. 
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100 kcal for ionic or covalent bonds. A consequence of the small bond 
energy and activation energy is that the hydrogen bond is formed as well 
as ruptured with great ease, and is, therefore, specially suited to play 
a part in reactions taking place at ordinary temperatures. The hydrogen 
bond is held by many to be essential to life processes; it is considered to 
play an important part in the structure of proteins and nucleic acids. 

Examples of hydrogen bonding are numerous especially among organic 
compounds. In the following, some of the important effects of the hydro- 
gen bond on the physical properties of substances, are discussed. 


Association among simple hydrides. The melting points and boiling 

` points show decreasing courses (Fig. 9.2) for the sequence of related 
substance H,Te, H,Se and H,S, which are, of course, expected in view of 
the decrease, in this order, of molecular weights and van der Waals forces. 
(The van der Waals forces decrease with decrease in atomic number for 
atoms of similar structure.) From the continuation of this sequence, in 
the way indicated by the melting point and boiling point values for the 
noble gases Xe, Kr, Ar, Ne (Fig. 9.2), the melting point and boiling 
point of water would be expected to be about— 100°C and — 80°C 
respectively. That the actual values are very much higher is the result 
of the formation of hydrogen bonds. 
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Fig. 9.2 Melting and boiling points of the simple hydrides (Values 
for inert gas elements are included to afford comparison) 
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Similarly, the melting points and boiling points of hydrogen fluoride 
and ammonia are also considerably higher than the values expected from 
the sequences of analogous compounds (Fig. 9.2). Both the effects are, 
however, somewhat smaller than for water. The decrease for hydrogen 
fluoride is due to its ability to form only one-half as many hydrogen 
bonds as water, in consequence of which the resultant effects of hydrogen 
bonds are smaller for hydrogen fluoride than for water, even though 
F—H -- -F bonds are stronger than O—H - - - O bonds. For ammonia, 
however, the decrease is partly due to the smaller electronegativity of 
nitrogen compared to oxygen and partly due to the fact that the nitrogen 
with only one unshared electron pair forms three hydrogen bonds with 
the N—H groups of other molecules. 

The existence of the boiling point effect, apart from the melting point 
effect, leads to the deduction that all hydrogen bonds are not destroyed 
on fusion. More than half of the total number of hydrogen bonds existing 
in crystals of hydrogen fluoride, water and ammonia are retained on 
fusion. The hydrogen bonds exist even at the boiling point and are 
ruptured on vaporization. But the F—H--- F bonds are so strong that 
they tend to hold the molecules together in vapour, in the form of 
aggregates (HF),. 

Having no power to form hydrogen bonds, the simple carbon family 


Heat of vaporization, keal/mole 


Fig. 9.3 Heats of vaporization of the simple hydrides. 
(Values for inert gas elements are included to afford 
comparison.) 
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hydrides exhibit (Fig. 9.2) rather regular increase in boiling point and 
melting point with molecular weight. 

Properties which are related to melting point and boiling point also 
exhibit the effect of hydrogen-bond formation, as illustrated for the heat 


of vaporization in Fig. 9.3. 


Association among other hydrogen compounds, Situations similar 
to those discussed above are also found with liquid hydrogen peroxide, 
certain alcohols, carboxylic acid, etc. 

Liquid hydrogen peroxide is more highly associated than water. 
Consequently its boiling point is considerably higher; the normal (at 760 
mm Hg) boiling point is 151.4°C. 

Since H-C = N resonates with the structure H—Ct::N:~ involving 
a positive formal charge on the carbon atom, the electronegativity of 
this atom is increased sufficiently to permit to form C—H - --: N hydrogen 
bonds. These bonds are strong enough to have effect on the melting point 
and boiling point. Thus the observed values are —12° and 25°C, which 
are much higher than those for acetylene, —81° (at 891 mm Hg) and 
—84°C (at 760 mm Hg), respectively, even though the molecular weights 
are very close. 

_ In crystalline alcohols, molecules are bound to each other through 
hydrogen bonds giving rise to polymers of the type: 


In the liquid state also, alcohols consist of long chains or ring poly- 
mers; so it is not necessary that many of the hydrogen bonds be broken 
for the alcohol crystal to melt to a liquid. However, the transformation 
into vapour state requires the breaking of the remaining hydrogen bonds. 
That is why while the heats’ of fusion and the melting points of alcohols 
are only slightly abnormal, the boiling points and heats of vaporization 
exhibit pronounced effects due to the hydrogen bond formation. This 
is illustrated by the values of some physical constants of ethyl alcohol 
and its isomer, dimethyl ether, given below: 

CHOH (CH,),O Difference 
Melting point —115°C —141°CG 26°C 
Boiling point 78°C — 25°C 103°C 
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The mola) heat of sublimation of ethyl alcohol is 11.3 kcal/mole, while 
that of dimethyl ether is only 6.3 kcal/mole. The difference, 5.0 kcal/mole, 
may be taken as an approximate value of the hydrogen bond energy in cry- 
stalline ethyl alcohol. The oxygen atoms of carboxyl groups can form 
stronger hydrogen bonds than those of water. Consequently, in contrast 
to water, which does not show appreciable concentration of polymeri- 
zed molecules in the vapour phase, formic acid and acetic acid form stable 
dimeric molecules. As determined by the electron diffraction method, 
formic acid dimer has the following structure: 


— PY oui Resale, 


Since the heat of dimerization is 14.12 kcal/mole, the hydrogen bond 
energy in formic acid is 7.06 kcal/mole. In the same way, the hydrogen 
bond energy in acetic acid is found to be 7.6 kcal/mole. These values are 
greater than those for ice by about 50 per cent. 


Anion solvation. Certain oxygenated anions form hydrates both in 
solution and in crystal lattices. In such cases, the anion-solvated water is 
apparently held by the O—H---O bonds. In CuSO,.5H,O, for example, 
four molecules of water are associated with the copper (II) ion as coordi- 
nated water, but the remaining one is held to the sulphate ion and to two 
of the coordinated water molecules by hydrogen bonds to give an overall 
structure as shown below: 


j H 
HO. O—H, Head fo) o 
Cu rags Na 
i= ae oat — HÙ ps wine cise ee Sy 
H 


The tendency of the fluoride ion to form FHF hydrogen bond is suffi- 
ciently strong so- that metal fluorides are often solvated by hydrogen 
fluoride giving rise to acid fluoride ions of the types HF;, HF;, and 
H,F;. 


Abnormal solubility relations. It is generally found that compounds 
containing functional oxygen or nitrogen groups are more soluble in 
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materials such as CHCl, or CHCI,F than in closely related compounds 
such as CCl, or CCI,F. This phenomenon may be attributed to the ability 
of the former solvents to form hydrogen bonds with the solute molecules. 


Abnormal dielectric constant values. That the dielectric constant 
values observed for certain liquid substances, like water, hydrogen 
fluoride, and hydrogen cyanide are abnormally high is attributed to 
continued polymerization through hydrogen-bond formation. High 
values of dielectric constant are also exhibited by alcohols, ammonia and 
methyl amine in the liquid state, and all of these can form hydrogen 
bonds. As has been mentioned already, the very effect of -hydrogen 
bonding on the dielectric constant is due to the resulting polymerization. 
For instance, the polymerization of HCN due to hydrogen bonding leads 
to linear molecules, such as 

H—CEN..... H—Ce=N..... H—C=N 

Since the dipole moment of the simple molecule HCN is 3.00 x 10-18 

e.s:u., that for the polymer (HCN), is equal to about n (3.00 x 10-18) 
es,u. The observed value of the dielectric constant of liquid hydrogen 
cyanide is 116, which is about 3 times the value that would be expected 
for the monomeric substance. And since the dielectric constant, in terms 
of its simple theory, varies directly with the first power of the number of 
molecules in unit volume and with the square of the dipole moment, 
this threefold increase in dielectric constant would accordingly be attri- 
buted to an average degree of polymerization of three. 
_ The dielectric constants of hydrogen fluoride, water, hydrogen peroxide 
and the alcohols are smaller than that of hydrogen cyanide, even though 
the degree of polymerization of all the former substances is undoubtedly 
much greater than that of the latter because of much stronger hydrogen 
bonds in them. This is because, unlike in HCN, the polymerization in 
these substances is not accompanied by a linear increase in the magni- 
tude of the dipole moment of the molecule, For instance in hydrogen 
fluoride the hydrogen bonds are formed at about 140° and so a molecule 
(HF), having a structure as shown in (I) may have a very small net dipole 
moment. There may also be ring molecules, obviously, with zero dipole 
moment. 

Apart from those discussed above, there are various other properties of 
substances in which hydrogen-bond formation plays an important role. 
The solubility of organic liquids in water, heat of mixing, viscosity of 
liquids, structure, cleavage and hardness of crystals, infrared absorption 
spectra, proton magnetic resonance—all these may be cited as examples. 


9.5 Van der Waals and Long-range Bonds 


When two atoms or molecules approach, there is a weak attraction be- 
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ry) 


see eeee H——F (1) 


tween them long before their electron clouds can overlap appreciably. 
This is the van der Waals attraction, and it can be considered as a mani- 
festation of various effects, such as, the electrostatic interaction between 
the charge distributions of the two atoms, the mutual polarization whereby 
each charge could induce slight change in the other, and the dispersion 
forces, which are the result of a random fluctuating polarization occurring 
due to the random movement of the electrons (Fig. 9.4). All these forces. ,- 
are relatively weak and are masked by strong covalent or repulsive forces ` 
at internuclear distances existing in compounds. But in a gas they give 
rise to the van der Waals attraction. The van der Waals binding forces 
also exist between well-separated units in a crystal; in graphite, for instance, 
the adjacent layer planes, which are separated by C—C distance of about 
3.4 A instead of the normal C—C bond length of 1.42 A, are considered 
to be held together by the van der Waals forces. 

Van der Waals radii for the atoms of inert gases can be derived from. 


measurements of the cell dimensions of their crystals. Similarly, the van . 
der Waals radii for other atoms may be deduced from molecular structures 
by determining the closest distance of approach between adjacent mole- 
cules. Table 9.2 present values of some radii derived in this way. A gene- 
ral feature of these values is that they are much larger than the corres- 


| Electron 
- distribution 


Fig. 9.4 (c) Uniform electron distribution 


(a) (0). in’ an atom. (6) Momentary polarized 
@® Centers of charge distribution of electrons causing moment- 
ary establishment of an electrical dipole, 
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Table 9.2 Van der Waals Radii (in A) for some Atoms 


H 1.2 
N 15 06 TH F 1.35 Ne 1.6 
PALS S 1.85 Cl 1.8 Ar 19 
As 2.0 Se 2.0 Br 1,95 Kr 2.0 
Sb 2.2 Te 2.2 eS Xe 2.2 


ponding covalent radii (Table 7.10), and it means that the effective radius 
of an atom within a molecule is significantly different from its radius to- 
wards other molecules in a molecular structure (see Fig. 7.6). 

Van der Waals radii find application in structural problems involving 
molecular crystals and in problems of steric hindrance in large molecules. 
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Problems 


9.1 Indicate giving reasons which of the following molecules have appreciable dipole moments: 
CH, CH,C1, CCl,, and H,O. 

9.2 Explain why diethyl ether, C,H,OC,H,, is polar. Given that the C-O4C bond angle in ` 
ether and the H-O-H bond angle in water are approximately equal, which of the two substances 
will have greater dipole moment? ; 

9.3 Account for the fact that HF has much higher boiling point (19.4°C) than HC1 (—85°C), 
although the molecular weight of HF is lower than that of HC1. 

9.4 How would you explain thar H,O is liquid but H,S is a gas at ordinary temperature, 
although H,S has higher molecular weight than H,O? 

9.5 Explain why the heat of vaporization of water is much larger than the heat of fusion of ice. 
9.6 Explain why, despite the stronger hydrogen bond, HF has a smaller heat of vaporization 
than H,O. 

9.7 Suggest an explanation for the fact that the density of ice is less than that of water. 

9.8 What factors determine the magnitude of intermolecular forces? Give examples. 

9.9 In which way do the van der Waals bonds resemble the metallic bond? 

9.10 Account for the fact that the crystals of the inert gases possess the same close-packed 
structure as the true metals. : 

9.11 Diamond is very hard but graphite is soft though both are essentially carbon. How would 
you account for it? 

9.12 Why are the van der Waals radii larger than the covalent radii? 


Chapter. 10 


Determination of Molecular. 
Structure 


10.1 Introduction 


In earlier chapters we had occasions to mention quantities like molecular 
shape, interatomic distances (or bond lengths) and bond angles.. Collec- 
tively, these quantities describe the structure df a molecule. In this 
chapter we shall take up the principal physical methods used for their 
quantitative determination. They involve the use of electric and magnetic 
fields, electromagnetic radiation, and electron and neutron beams. 

The shape of a molecule (or for that matter, of any object) can be 
most conveniently described in terms of its symmetry. It affords a concise 
description of the molecular structure and leads to considerable simpli- 
fication of theoretical methods. It is, therefore, pertinent to preface our 
treatment of molecular structure with an introduction to the subject of 
molecular symmetry. 


10.2 Molecular Symmetry 


Symmetry may be defined as regular arrangement.-When we say that a 
molecule has symmetry, we mean that there are some regularities in its. 
dimensions. In the language of structural chemistry, these regularities are 
most elegantly described in terms of the symmetry elements possessed by 
the molecule and the corresponding symmetry operations. Before defining 
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these terms it is important to point out the distinction between point 
symmetry and space symmetry. In the case of an- isolated molecule, its 
symmetry or regular arrangement actually involves repetition of identical 
parts in that molecule. While considering the symmetry of an isolated 
molecule we are thus interested in’ the symmetry about a point, i.e. in 
the so-called point symmetry. On the other hand, the symmetry of a cluster 
of molecules, as in a crystal, may involve the repetition of a number of 
identical molecules, and consequently, the symmetry elements may involve 
translation. One then has to deal with the so-called space symmetry. In 
this section, however, we are solely concerned with the symmetry of an 
isolated molecule. 

In order to define what is a symmetry operation let us consider a simple 
structure, that of water molecule [Fig. 10.1(a)]. For our convenience we 
mark the two hydrogen atoms with subscripts A and B. Now let us imagine 
that the H,O molecule is rotated through an angle of 180° about an 
axis passing through O and equidistant from H, and Hy. This gives the 
orientation (c) from (6). If the hydrogen atoms were not marked and 
thus were. identical, there would be no way to tell, by observing the 
orientations (b) and (c), whether the molecule had been rotated or not. 

- In other words, our aforesaid operation has produced an orientation that 

is indistinguishable from the original. Such an operation whereby an 
orientation is changed into an indistinguishable one is called a symmetry 
operation. 

The rotation of the H,O molecule through an angle of 180°, described 
above, is an example of a symmetry operation. A repetition of this opera- 
tion brings the molecule back to original orientation (b). Because two 
identical rotations are required to return to the initial orientation, the 
symmetry operation is called a 2-fold rotation. More generally, the 
operation of rotation through an angle of 2n/n radians or 360°/n, where n 
is an integer, is called an n-fold rotation and symbolized by C, (C comes 

- from ‘Cyclisch’) ; the rotation axis associated with it is called an n-fold axis. 

The operation of rotation described above for the H,O molecule is 


Fig. 10.1 (a) Schematic representation of the 
structure of H,O. (5) The 2-fold symmetry axis 
in H,O. (e) Orientation produced from (b) by 
rotation of 180° about the 2-fold axis. 
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C2 


(b) 
Fig. 10.2 Mirror planes of the H,O molecule: (a) cp and (b) oy 


not the only type of symmetry operation. Let us imagine that we have 
passed a plane mirror perpendicular to the plane of the H,O molecule 
and containing the 2-fold axis [Fig. 10.2(a)]. When viewed from either 
side, half of the molecule is reflected in the mirror and the orientation 
appears to be unchanged. Thus this reflection is a symmetry operation 
of the H,O molecule. The operation is called reflection and is symbolized 
o or G. 

A mirror plane that contains the principal rotation axis is called a 
vertical plane and the reflection in this plane is represented by op. The 
reflection for the H,O molecule, described above, is of the type op. 

The H,O molecule also possesses a mirror plane lying in the plane 
of the triangle which also contains the principal rotation axis [Fig. 10.2(4)]. 
Since the top of the molecule is the same as the bottom, reflection in this 
plane produces a final configuration indistinguishable from the initial 
one. Reflection in this plane is therefore a symmetry operation and is 
represented by op’. 

The symmetry operations mentioned so far include: (i) a 2-fold 
rotation C, (t) a reflection o, through a mirror plane containing the axis 
of rotation and perpendicular to the plane of the triangle, and (ii) a 
reflection oy’ through a mirror plane lying in the plane of the triangle. 
This set of symmetry operations completely specifies the symmetry of 
the H,O molecule. 

So far we have only encountered vertical planes, i.e. mirror planes 
containing the principal axis. A molecule may also possess a mirror plane 
perpendicular to the principal rotation axis. Such a plane is said to be a 
horizontal plane and the associated symmetry operation, that is, reflection 
in this plane, is represented by op. ! 

In order to describe the symmetry of any molecule two additional 
kinds of symmetry operations are needed. These are inversion and rotation- 
reflection. 

The operation of inversion is essentially reflection of all atoms through 
a point in the molecule, referred to as centre of symmetry or inversion 
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Centre 
of symmetry 


Fig. 10.3 Inversion centre or centre of symmetry in 
planar N,O, 


centre. The symmetry operation, therefore, requires that lines joining 
symmetrically equivalent atoms are bisected by the inversion centre. 
Dinitrogen tetroxide (N,O,), with a planar structure as shown in Fig. 
10.3, is an example of a molecule which possesses a centre of symmetry. 
Other examples of molecules which have centres of symmetry are XeF,, 
which has square planar configuration, and benzene, which is a regular 
hexagon (see later). In the case of XeF,, there is an atom at the centre 
of symmetry, while in the case of both N,O, and benzene there is no 
atom at the centre of symmetry. It should be noted that a molecule 
cannot have a centre of symmetry unless it has even numbers of all atoms, 
except one that may be at the centre. The operation of inversion is 
represented by 2 or Cj. 

A rotation-reflection consists in the combination, in either order, of 
an n-fold rotation (that is, rotation of the molecule about an axis passing 
through it by 2z/n) and reflection through a plane perpendicular to 
axis of rotation. The operation, also called improper rotation, is represented 
by Sa (S comes from ‘Spiegelung’). Fig. 10.4 illustrates the rotation- 


Fig. 10.4 Example of rotation-reflection operation 
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reflection operation for a molecule, which has the symmetry of a regular 
tetrahedron. Clearly, -a rotation of 27/4 or 90° about the axis shown 
in Fig. 10.4 followed by reflection in a plane perpendicular to this axis 
will produce a configuration indistinguishable from the original one. 
So for this molecule the operation S, exists. It is easy to see that none of 
the component operations of S, (namely, C, and ch) is a symmetry 
operation. There are, however, molecules for which the component 
operations themselves are symmetry operations. The planar molecule 
of BF, will serve to illustrate this. For it a symmetry operation C, can be 
performed about an axis perpendicular to the molecular plane. It is 
also possible to perform the rotation C, followed by reflection in the 
molecular plane (or vice versa) so that there is an $, operation. 

Having now defined the symmetry operations, we next turn to another 
concept, that of symmetry elements. We can define a symmetry element as 
an axis, plane or point, about which or through which a symmetry 
operation can be performed. Thus, the axis about which an operation Ç 
can be performed is a symmetry element, referred to as n-fold rotation 
axis. The symbol C, is used to represent this axis. Similarly, the axis about 
which the rotation for an operation S, is performed is called n-fold 
rotation-reflection axis and represented by the symbol S,. Obviously, it 
is possible for one axis to be simultaneously a Cp axis and an S,, axis. 

The plane through which a reflection operation, o, is carried out is a 
symmetry element, called mirror plane and represented by the same 
symbol o. Subscripts are often appended to o in order to indicate the 
orientation of the plane with respect to the principal rotation axis. The 
significance of the subscripts v and h has been previously explained. It is, 
however, necessary to first identify the principal rotation axis. If a mole- 
cule has one symmetry axis C, of uniquely high order (n is known as the 
order of the rotation axis), then this axis is the principal rotation axis. 
It is customary to regard this axis as being vertical. A mirror plane that 
contains this axis is called a vertical plane, oy; if there is a mirror plane 
perpendicular to this axis it is called the horizontal plane and represented 
by op. 

The point through which the inversion operation is carried out is called 
the centre of symmetry or inversion centre. This symmetry element is 
represented by the symbol 7 or C;. 

We can describe the symmetry of a molecule either in terms of the 
set of symmetry operations which can be performed or in terms of the 
set of symmetry elements which the molecule possesses. The symmetry 
operations and the corresponding symmetry elements, described above, 
are listed in Table 10.1. 

In many cases, all the symmetry elements that can be observed for a 
molecule are not actually required to describe its symmetry, that is, some 
of the symmetry elements are superfluous or redundant. For instance, in 
the case of H,O discussed above, the presence of mirror planes o, and o,’ 
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Table 10.1 Point Symmetry Operations and Elements 
COVED a Se A E E E 


Symmetry operation Symmetry element Symbol 
n-fold rotation n-fold rotation axis Cn 
Reflection Mirror plane o or Cs 
Inversion Centre of symmetry 
or inversion centre i or Ci 
n-fold rotation- n-fold rotation- 
reflection reflection axis Sn 


as symmetry elements means that this molecule must also have a 2-fold 
rotation axis (C,) along the line of intersection. In fact, in highly symme- 
trical molecules, redundancy of symmetry elements is a common occur- 
rence, and it is possible to formulate general rules regarding such 
redundancies. 

‘In the following we shall discuss the symmetries of some common 
molecules. Consider first diatomic and linear molecules such as HCl, 
Cl,, CO, molecules (Fig. 10.5). These are more or less trivial cases. All of 
them have an infinite rotation axis, Co» ie. a rotation axis of order œ, 
coincident with the internuclear axis. Heteronuclear (that is, containing 
different atoms) diatomic molecules, such as HCI [Fig. 10.5 (a)], have 
only this symmetry clement. However, homonuclear (that is, containing 
only one type of atom) diatomic molecules, such as Cl, [Fig. 10.5(d)] 
and linear molecules such as CO, [Fig. 10.5(c)] also possess a mirror 
plane c}, a centre of symmetry t and an infinite number of 2-fold axes, 
C, perpendicular to the axis of the molecule. This provides yet another 
example of redundancy of symmetry elements, since the combination 
of the plane c, and the axis Cy implies the presence of a centre of - 
symmetry i and an infinite number of C, axes. 

The symmetry elements of BF; and NH, are shown in Fig. 10.6. The 
BF, molecule [Fig. 10.6(a)] possesses (i) a 3-fold axis of symmetry (C,), 
because a rotation through 27/3 produces an orientation indistinguishable 


Co Cy 
= pie = OE 
a T 
(a) (0) ce) 


Fig. 10.5 Symmetry elements of linear molecules. (a) Heetronuclear 
diatomic molecule, HCl. (b) Homonuclear diatomic molecule, Cl. 
(c) Linear triatomic molecule, CO. 
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(b) 


(a) 
Fig. 10.6 The symmetry elements of (a) BF, and (b) NH, molecules 


from the initial one, (i) three subsidiary 2-fold symmetry axes, (C,) 
perpendicular to the principal axis, (iii) three mirror planes (o,) contain- 
ing the principal axis, and (iv) a mirror plane (sa) perpendicular to the 

rincipal axis. On the other hand, the NH, molecule possesses, as shown 
in Fig. 10.6(4), (i) a 3-fold axis of symmetry and (7) three oy planes, In 
terms of symmetry elements, we can distinguish between BF, and NH; 
by stating that BF, possesses a o} plane, while NH; does not. Note also 
that the C, axes are not present in the NH, molecule. 

As an example of molecules with still higher symmetry axes, let us 
consider the case of the benzene molecule. As shown in Fig. 10.7, the 
molecule has a hexagonal planar structure with the following symmetry 
elements: (2) a 6-fold rotation axis (C,) perpendicular to the molecular 
plane, (i) six 2-fold rotation axes (C;), (227) six mirror planes (o) containing . 
the principal axis, (iv) a mirror plane»(o,) perpendicular to the principal 
axis, (v) a centre of symmetry (i), and (vi) an Se axis collinear with the 
C, axis. It should be noted, however, that not all of these symmetry 
elements are needed for an unambiguous specification of the symmetry 
of the benzene molecule. In fact, the symmetry of the molecule is com- 
pletely specified by only saying that it possesses a C, axis, six C, axes and a 
op plane, since the rest of the symmetry elements, mentioned above, are 
simply necessary consequences of the presence of these elements. 

A set of point symmetry elements which is just sufficient to specify the 
symmetry of an object or a molecule is known as a point symmetry group. 
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Fig. 10.7 Symmetry in C,H,, hexagonal planar. The 
symbol of the centre represents 6-fold axis of rotation. 


Each point group is given a discriptive symbol. The Schoenjlies symbol 
is the one most often used for molecules by chemists, physicists and 
spectroscopists. The main rules by which the symmetry of a molecule is 
expressed using this symbol are described below: 


(1) When a molecule possesses, besides a principal axis C,, a set of n 
vertical planes, ov, it belongs to the point group Cm. (A molecule possessing 
a principal axis C, and a horizontal plane op belongs to the group Cn}:) 
(2) When a molecule possesses a principal axis C,, a set of n C, axes 
perpendicular to C, and a horizontal plane oa, it belongs to the point 
group Dy, (D comes from ‘Dieder’). 
(3) All linear molecules belong to one of the two point groups, Cv 
and Da, Unsymmetrical molecules such as CO, HCl, HCN, N,O, 
OCS, etc., belong to the group Cos while symmetrical ones such as 
Cl, Na, CO,, C,H,, HgCl,, etc., belong to the group Dea. à 
(4) Molecules having the symmetry of a regular tetrahedron belong 
to the point group Ty. The ,characteristic symmetry elements for T4 
are a set of four Cy axes, a set of three S, axes and a set of six dihedral 
planes, og (Fig. 10.8). r 
` (5) Molecules having the symmetry of a regular octahedron belong to 
the point group Oj. ‘ 
Some common point symmetry groups with their symbols, symmetry 
elements and examples are listed in Table 10.2. It should be noted that 
some of the symmetry elements given in this table are superfluous, as they 
are simply consequences of the presence of other symmetry elements. 
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Fig. 10.8 Sketch illustrating the characteristic symmetry 


elements: of a tetrahedron. Only one of the. six dihedral 
planes od is shown. 


Table 10.2 Some Common Point Symmetry Groups 
a 


pee? Symmetry elements Examples 


— 


Cw Cy,99,0'n H,O, SO,, BCIF, , 
Cw Cs, 309 NH,, PF, PCl,, CHCI, 
Dih 3n, 30v, i CH, 

Dit Cy, 3C,, 3a0,0% BF, PCI, 

Da ©y,6C4,6e,9h;1 C,H, 

Ta 4C,, 3C,, 6od CHo NH,* 

Oh 3C,, 4C,,6C,,90,i SFe 

Cov Cy CO, HCl, N,O, HCN 
Bok Go» Cas Shai Ny, Gly, CH, COs 


$$$ $$$ 


10.3 Methods of Structure Determination 


Since a molecule consists of an assemblage of atoms, the determination of 
molecular structure essentially consists in the determination of the relative 
dispositions of these atoms: This problem has two aspects; the shape 
(or symmetry) of the molecule and the actual dimensions‘of bond lengths 
and bond angles, collectively referred to as molecular parameters. Molecular 
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symmetry provides information about the equality of two or more bond 
lengths and the equality of two or more bond angles, and thus reduces 
the number of molecular parameters needed to specify the structure of a 
molecule. For example, in the H,O molecule of Ca symmetry, the two 
O—H bond lengths must be equal and the molecule must be bent, so 
that the only parameters needed to specify the configuration of the 


molecule are one O—H distance and the HOH angle. Molecular symmetry 
may also give the actual magnitudes of some bond angles. For example, 


if the BF, molecule belongs to the point symmetry group Dy, all the FBF 
angles are 120° and since all the bond lengths are equal, we need to 
specify only one parameter, the B—F distance. 

Of the various experimental methods used for the determination of 
molecular structure, some methods provide information about both 
molecular symmetry and molecular parameters, while some others reveal 
only molecular symmetry. By far the largest part of the information 
available on molecular structure has come from the application of 
spectroscopic or diffraction methods. Besides these, there are also a variety 
of other techniques, some of them quite recent, which often provide 
crucial bits of information in the determination of molecular struc- 
ture. We shall discuss the various methods under the headings of 
spectroscopic methods, diffraction methods, methods based on magnetic 
effects, and dipole moments. “ 

An attempt to describe even the principal methods of structural study 
in one chapter of this text is rather pretentious and necessarily demands 
that we restrict ourselves to bare essentials. In :he context of our objective, 
the essentials will consist mainly of a concise description of the physical 
basis of each method and an objective evaluation of the type and quality 
of information each method provides. 


10.4 Spectroscopic Methods 


The total energy of an individual gas-phase molecule is made up of four 
different types. Thus, the molecule will have energy due to its transla- 
tional motion. It will also have energies due to its rotational motion and 
due to the vibrational motion of its constituent atoms. In addition to 
these, the molecule will have electronic energy, which is due to the 
energy of its electrons. All these energies, except the translational energy, 
will be expected to have quantum restrictions on them. Qualitatively 
this can be shown as follows. ! 

We saw in Section 4.9 that a significant result of the wave-mechanical 
treatment of a particle confined to movement in a very small region is 
that it can have only certain energies, i.e. its energy is quantized. It was 
also seen that the smaller the space to which the particle movement 1s 
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confined, the more accentuated are the restrictions, that is, the fewer 
and more widely spaced are the allowed energies in a given range. For 
a gas kept in an ordinary-sized container, the space available for the 
translational movement of each molecule is very large compared to the 
molecular dimensions. We can therefore expect the quantum restrictions on 
translational energies to be insignificant. A rotating molecule, however, is 
confined to a volume not much larger than the volume of the molecule 
itself, We can therefore expect significant quantum restrictions on the 
rotational energy. Again, in vibrational motion, the atoms of a molecule 
can undergo only as much displacement as the flexibility of the bonds will 
allow, so that the vibrational energy also will be expected to have quantum 
restrictions on it. Similarly, the electronic energy of a molecule will also 
be subject to significant quantum restrictions, since the electrons of a 
molecule are confined to a part of the molecule or at the most to the 
whole of its volume. Of the four types of molecular energies, rotational, 
vibrational and electronic energies will thus be expected to be quantized. 

By the Born-Oppenheimer approximation, the three types of quantized 
molecular energies can be treated separately, and the total energy E; 
can be considered to be made up of three parts. 

E, = E. AE E, ae E, (10.1) 
where E, E, and E, are the electronic, vibrational and rotational 
energies per mole, respectively. The quantized levels of these energies 
are shown schematically in Fig. 10.9. It is seen that the spacing of the 
electronic energy levels is larger than that of the vibrational energy 
levels, and the latter, in turn, is larger than the spacing of the rotational 
energy levels. Thus, whereas the difference between the electronic energy 
levels is usually some tens of kcal/mole, that between vibrational enegry 
levels is a few kcal/mole, and that between rotational energy levels is 
only of the order of tens of cal/mole. 

It was seen in Section 3.6 that atoms have different electronic energy 
levels and these are determined by certain quantum numbers. It was 
also seen that electronic line spectra of atoms are a direct result of this 
quantization of electronic energies of atoms. A spectral line is exhibited 
when an atom absorbs a quantum of energy (i.e. photon of frequency 
equal to AZ/h) such that an electron is promoted to an excited state, or 
when an clectron. in a higher excited state emits quantum of energy 
and drops to a lower excited state or to the ground state, (sce Fig. 2.10). 

Molecules also have energy levels as detailed above, and they can absorb 
or emit radiation energy quanta as a result of transitions between different 
energy levels. The energies of the quanta that are absorbed or emitted 
by a molecule can be measured by spectroscopic means, and con- 
sequently, the allowed energies of the molecule can be deduced. The 
allowed energies so obtained can then be used to determine the structure 


and properties of the molecule. 
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Since, as we have seen above, the spacings of the different types of 
molecular energies are different, the various energy transitions correspond 
to different regions of the electromagnetic spectrum. The electro- 
magnetic spectrum is shown in Fig. 10.10. Knowing the wavelength of a 
radiation we can calculate the energy associated with it. 


Example 10.1 Calculate the energy in cal/mole associated with the infrared region of the 
electromagnetic spectrum. Assume the wavelength to be 6 x 10* A. 


Solution Since all electromagnetic radiation travels at the same velocity, c, equal to 3 x 10° 
cm/sec, and since the velocity is related to the wavelength à and frequency v byc = Ay, (where à 
and v are expressed in cm and sec™? respectively), the frequency for the infrared radiation of 
wavelength 6 x 10‘A or 6 x 10~ cm is 
3,10" 
6 x 10-¢ 
The energy, in ergs, of a quantum of radiation of frequency v sec™? is given by E = hy, where 
h is the Planck constant. If every molecule in a gas absorbs one quantum of radiation, the 
total energy absorbed by one mole of gas will be W.h.v, where N is the Avogadro number. 
Therefore the energy per mole associated with infrared radiation is : 
N.h.y = (6,02 x 10%) (6.62 x 10-*7) (5 x 101%) 
= 1.99 x 10" ergs 
= (1:99 x 10")/(4.18 x 107) or 4.76 x 10% cal/mole 
Energies calculated in this way for different regions of the electromagnetic spectrum are 
shown jin Table 10.3. 


= 5 x 10% sec™* 
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Fig. 10.10 Regions of the electromagnetic spectrum 


A comparison of molecular energy levels shown in Fig. 10.9. with the 
representative energy values given in Table 10.3 enables us to assign 
different: regions of the electromagnetic spectrum to different types of | 
molecular energy transitions. Thus, since the separation of electronic 
energy levels is usually of the order of tens of kcal/mole, electronic 


Table 10.3 Energies Associated with Different Regions of 
the Electromagnetic Spectrum 


À in angstroms 


Region of Wavelength Frequency Energy 
spectrum (A) (sec) (cal/mole) i 
X-ray 1 3 x 10" 2°86 x 10° 
Ultraviolet 3 x 10% 1 x 10% 9:53 x 104 
Visible (yellow) 6 x 10° 5 x 104 4:76 x 10¢ 
Infrared 6 x 10¢ 5 x 1038 4-76 x 108 
Microwave 3 x 108 1 x 107° 9-53 
Radiowave 3 x 101% 1 x 108 9-53 x 10-5 


energy transitions will give rise to spectra in the visible or ultraviolet 
region of the electromagnetic spectrum. These spectra are therefore 
referred to as electronic spectra. By the same reasoning, transitions between 
vibrational levels within the same electronic level will give rise to 
vibrational spectra in the infrared region, whereas transitions between 
different rotational levels within the same vibrational level will give rise 
to rotational spectra in the far infrared or microwave region. 

It should be noted, however, that a transition between two vibrational 
levels is almost always accompanied by transitions between rotational 
levels, so that vibrational spectra are really simultaneous vibrational and 
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rotational spectra, referred to as vibration-rotation spectra. In the same way, 
a transition between two electronic levels is usually accompanied by 
changes in vibrational and rotational energies; so electronic spectra are 
really electronic-vibration-rotation spectra, referred to simply as electronic 
spectra. However, if the electronic and vibrational energies remain constant, 
very small energies are required for transitions between rotational levels 
alone and this can be accomplished, as mentioned above, in the far 
infrared or microwave region of the spectrum. The corresponding speca 
are then called pure rotation spectra. 

Spectra may be studied both in absorption and emission (see Section 
2.2). To obtain an absorption spectrum, continuous radiation of an 
appropriate frequency range is passed through the sample under investi- 
gation and is then focussed on the entrance slit of a spectrometer. After 
collimation, the radiation passes through a dispersing device, such as a 
prism or grating (which disperses, or spreads out, the radiation according 
to its wavelength), before reaching a detector, which is a device for 
measuring the amount of radiation of various wavelengths that emerges 
from the dispersing unit. The prism used for ultraviolet radiation is a 
quartz prism or grating; for visible radiation it is made from glass, and 
for infrared radiation it is made from fluorspar or rocksalt. The detector 
for visible or ultraviolet radiation is a photomultiplier tube or a photo- 
graphic plate, while for infrared radiation it is a thermocouple. In micro- ` 
wave spectroscopy, however, no specific dispersing is needed, and the 
detector consists of a quartz crystal which is tuned to vibrate in response 
to the microwave radiation. 

To obtain emission spectra, energy must be supplied to the molecules. 
Flames and electrical discharge tubes are the usual sources of such spectra. 
However, these spectra are usually observed only for diatomic and tri- 
atomic molecules, because larger molecules readily decompose under 
these conditions. 


10.5 Boltzmann Distribution 


We have seen above that electronic, vibrational and rotational energies 
of molecules are quantized, giving rise to discrete energy levels of the 
type shown in Fig. 10.9. It is important to know how the molecules are 
distributed among the various levels corresponding to each type of energy, 
i.e. what fraction of the molecules, say in a gas sample, have energies 
corresponding to each of the allowed energies. If the molecules are in 
thermal equilibrium, such an information can be obtained from the 


Boltzmann distribution law. Denoting the number of molecules occupying © 


some energy level, say the ¿th level, by n; and that occupying the lowest 
energy level by n , the Boltzmann distribution can be written as 


| 
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li Si 4—(Ej— EB) RT (10.2) 

no £o 
where (E; — E,) is the energy difference between the two levels in cal. 
mole-!, R = 1.99 cal deg“! mole~, and T is the absolute temperature, 
gj and gy are the degeneracies of the two energy levels. Eq. (10.2) reveals 
the importance of RT in determining the population of energy Jevels. 
If (E; — E) is much greater than RT, the ratio n;/n) is very small. For 
example, at room temperature RT is approximately 600 cal/mole, 
whereas both (E,),— (E,)o and (E»)ı— (E)o are usually much in 
excess of this value; consequently, molecules in general will be in their 
lowest electronic and vibrational energy levels at room temperature. 
However, because of the small difference between rotational energy 
levels, molecules will be spread over a number of rotational levels. This 
distribution is discussed in Section 10.6.5. 


10.6 Pure Rotation Spectra 


The study of pure rotational spectra provides the most direct approach ` 
to the evaluation of molecular parameters for simple molecules that may 
be obtained in gas phase. In the following, we shall first describe the 
classification of molecules into the principal rotational classes before 
discussing the details of the rotational spectra. à 
The rotation of any three-dimensional rigid body is conveniently 
described in terms of rotations about three principal axes of inertia which 
are mutually at right angles and pass through the centre of gravity of 
the body. Thus the body has three principal moments of inertia, one about 
each axis, conventionally designated Ia, J and J,, in order of increasing 
magnitude (I, < Ih < L). On the basis of the relationships between 
the moments of inertia, molecules may be classified into four groups. As 
we shall presently see, this is equivalent to classifying molecules according 


to their shapes. 


(i) Linear molecules. These are molecules such as CO», HCN, C,H., 
HCl, OCS, in which all the atoms lie in a straight line. Considering, for 
instance, the OCS molecule, illustrated in Fig. 10.11, the principal 
axes of rotation may be taken as (1) the molecular axis a, (2) the axis b 
in the plane of the paper and perpendicular to the axis a, and (3) the axis 
c perpendicular to both the axes a and 6, all the axes passing through 
the centre of gravity of the molecule. Since the nuclei on axis a have 
practically all of the mass of the molecule, the moment of inertia about 
this axis is zero, i.e. J, = 0. It is also self-evident that the moments of 
end-oyer-end rotation about the axes b and c are the same, so that 
I, = I.. For linear molecules, we thus have I, = 0; Ip = Ie 
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Fig. 10.11 The axes for the principal moments of 
inertia of the OCS molecule 


(ii) Symmetric tops. A symmetric top molecule has three non-zero 
moments of inertia, two of which are equal. Consider, for example, a 
molecule such as methyl chloride, which is umbrella-shaped with the 
three hydrogen atoms bonded tetrahedrally to the carbon, as shown in 
Fig. 10.12. The principal axes of inertia are the C—Cl bond axis a, on 
which the centre of gravity lies, and two mutually perpendicular axes 
b and ¢ in a plane perpendicular to the axis a. As in the case of linear 
molecules, considered above, the end-over-end rotations about the axes 
b and c are still identical and we have J; = I. The moment of inertia 
of the molecule about the axis a is, however, unique. Such a molecule 
spinning about this axis resembles a spinning top, and hence the name of 
‘symmetric top’ for the group. 

There are two subdivisions of this group: If J, <I; = I, as in the 
above example of CH,Cl, the molecule is called a prolate symmetric top, 
and if J, = J, < I,, the molecule is referred to as an oblate symmetric top. 
An example of the latter type is BCl,. This molecule is planar and symme- 
trical, and in this case J, = 2/, = 25 


Fig. 10.12 The axes for the principal moments of inertia of 
the CH,Cl molecule 
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(iii) Spherical tops. When a molecule has all three principal moments 
of inertia identical, it is called a spherical top. Examples include the 
tetrahedral molecule CH, and the octahedral molecule SF,. 


(tv) Asymmetric tops. When all the three principal moments of 
inertia are different (i.e. I, = I, # I) the molecule is an asymmetric 
top. The majority of substances belong to this group. Some examples are 
water H,O, vinyl chloride (CH,= CHCl), and methyl alcohol (CHOH). 

We shall now consider the above rotational classes in turn, paying 
the maximum attention, however, to linear molecules, especially diatomic 
molecules, because much of their treatment can be directly extended to 
other classes of molecules. 


10.6.1 Rigid Rotor Model 
As a suitable model for diatomic molecule we may consider a dumb- 
bell (Fig. 10.13), which consists of two balls of masses m, and mp, 
representing the atoms, connected by a rigid rod of length r that represents 
the chemical bond between the atoms. This is known as the rigid rotor 
model. We consider the rotation of this rigid rotor about an axis perpen- 
dicular to its own axis and passing through the centre of gravity, as 
shown in Fig. 10.13. 

The moment of inertia (J) for a system consisting of many particles is 
defined as 

I = XIm;r?; (10.3) 
where m; is the mass of the ith particle at a distance r; from the axis of 
rotation. For the present model, the moment of inertia is therefore 

I = mr% + mr? (10.4) 

It is more convenient to express the moment of inertia in terms of the 
single distance r, rather than two distances 7, and r,. If we take moments 
about the centre of gravity we get mr, = Mara. It follows that 

m m, + m 
DE rE nemei 


Fig. 10.13 A rotating dumbbell 
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dytit 

a ae T 
On substituting these expressions for 7; and r, in Eq. (10.4) and simpli- 
fying we obtain 

penama. 

mı + m 

The symbol y denotes the reduced mass of the system (Appendix 1). 

If v and vz are the linear velocities of the balls of masses m, and ms, 
the kinetic energy of the rotating system can be written in the form 


KE = $ mo, +} ma’ (10.6) 

The velocities 7, and v, are related to the angular velocity w by 
0, = 70 and % = 720. 

When we substitute these expressions for vı and vs in the above expres- 
sion for KE, we get 

KE =} œ (mr^ + mar”a) 

Substituting from Eq. (10.4) we get a simpler expression 

KE = $ Io? (10.7) 

By analogy with linear momentum which is defined as the product of 
the linear velocity and mass, the angular momentum is defined as the 
product of the angular velocity and the moment of inertia. Denoting the 


angular momentum by fg we can therefore write fy = Io and so the 
expression for KE becomes 


KE = 6/20 | (10.8) 


fur (10.5) 


10.6.2 Rotational Energies of Diatomic Molecules 
Eq. (10.8) is the classical expression. for the rotational kinetic energy of 
the rigid rotor model. While this expression is applicable for ordinary- 
sized systems, quantum restrictions are to be imposed on it before it can 
be used for molecular systems. This we can do as follows. 

Generally, the allowed amounts of angular momentum are multiples 
of the quantity A/2x, where A is the Planck constant. Thus from the 
wave-mechanical treatment of the rigid rotor model for diatomic mole- 
cules, the following equation for the angular momentum is obtained: 


by = VIS +1) h/2n (10.9) 
in which J is a rotational quantum number, having only integral values 
0,1,2....The allowed angular momenta are therefore 0, «/2(h/27), 
V6(h[2x), T2(h/2n),--- + and this means that the molecule cannot 
rotate at speeds that would give it any other angular momenta. 

The expression for allowed rotational energies for a diatomic molecule 


ee ne x 
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is then obtained by substituting Eq. (10.9) into Eq. (10.8). Denoting the 
rotational energy* for a molecule by €, the expression becomes, 
; i 


= B.h.J(J + 1) ergs (10.10) 
where B = A|8n?I sec™! (10.11) 


B is called the rotational constant. Eq. (10.10) shows how the rotational 
energies depend on J, which is a molecular property, and on quantum 
numbers, denoted by J. If J = 0, €; = 0 and there is thus no zero-point 
energy of rotational motion. A schematic representation of rotational 
energy level diagram is shown in Fig. 10.14. 

If J’ and J” are the rotational quantum numbers of upper and lower 
rotational levels respectively, the energy difference between the two 
levels is 

Ae, = £', — 6", = Bh [J'(J" + 1) — J"(J" + 1)) ergs (10.12) 
and the expected frequency of the spectral line associated with this 
transition is given by 

hy = Ag, or v = Ag,/h sec™' (10.13) 

There is, however, a restriction on the energy transition. All transitions 
between energy levels are not permissible. It can be derived from quan- 


- tum-mechanical treatment of spectroscopic transitions that for pure 


rotation spectra of a diatomic molecule -J can change only by + 1, i.e. 
AJ = +1. 


This condition is called a selection rule. The plus sign applies where 


* It should be noted that in spectroscopic work energy is often given in cm7* instead of ergs. 
Energy, given in cm, is.converted to ergs by multiplication by fe, where ¢ = 3 x 1° cm/sec 
is the velocity of all electromagnetic radiation. 
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radiation is absorbed and minus sign where radiation is emitted. Thus, 
if a molecule is in the rotational level for which J = 2, it may reach 
the J = 3 level by absorption or the J = 1 level by emission of radia- 
tion, but all other transitions are forbidden. 

We can now apply the aforesaid selection rule in order to identify the 
absorption lines in a pure rotation spectrum. Each absorption line in the 
spectrum can be identified with an energy jump or transition from one 
rotational energy level to the next higher level. The energy change 
associated with this transition is equal to the energy of the absorbed 
radiation quanta. Thus, for the transition of the molecule from J=0 
to J = 1, which gives rise to the first absorption line in the spectrum, 
we can write from Eqs. (10.12) and (10.13): 

Quantum energy absorbed for 
the first absorption line =hy,=(€)s=1— (€r)s=0 = 2Bh (10.14) 


Molecules that are initially rotating with an energy corresponding to 
J =1 absorb radiation quanta of such frequency that the energy is 
raised to that corresponding to J = 2. This gives rise to the second 
absorption line. Hence 

Quantum energy absorbed for 
the second absorption line =w= (&)7=2 — (Er)v=1= 4Bh (10.15) 

Identification of other absorption lines can be similarly done. The 
energy transitions that give rise to the absorption lines in the pure rota- 
tion spectrum are indicated in Fig. 10.15 by the solid vertical arrows. 
The difference in quantum energies between the first and second absorp- 
tion lines obtained from Eqs. (10.14) and (10.15), is 

h(vg— v1) = (4— 2) Bh = 2Bh (10.16) 

It is easy to see that this result is true for each pair of adjacent absorp- 
tion lines. Thus in Fig. 10.15, each arrow is longer than the preceding 
arrow by an amount equivalent to 2Bh. 

The frequency separation between the first and second absorption. 
lines is obtained from Eq. (10.16) as 

Ay = ya — v, = 2B sec (10.17) 

The frequency separation for any other pair of adjacent absorption 
lines is also 2B. The pure rotation spectrum of a diatomic molecule will 
therefore consist of a series of equally spaced lines with a frequency 
separation of 2B secu’. Schematically, this is represented at the bottom 
of Fig. 10.15. 


10.6.3 Interaction of Radiation with Rotating Molecules 

Pure rotational spectra are caused by rotational energy transitions of 
molecules due to interaction with radiation. Making use of its wave-nature 
picture, we can consider the radiation as a fluctuating electric field. 
A rotating dipole also generates a fluctuating electric field and, therefore, 
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Fig. 10.15 Allowed transitions between the rotational 
energy levels of a rigid diatomic molecule and the spect- 
rum which arises from them. Note that each arrow is 
longer than the preceding one by an amount equivalent 
to 2Bh. The spectral lines thus show a constant spacing 
of 2B. 


interacts with the radiation. Suppose a molecule has a dipole, i.e. it has 
one end more positively charged and one end more negatively charged. 
When this molecule rotates, the positive and negative ends change places 
periodically and, as a result, the component dipole moment in a given 
direction, such as the vertical component in the plane of the paper, 
fluctuates regularly. This fluctuation, as shown in Fig. 10.16, is exactly 
similar in form to the fluctuating electric field of radiation, and so inter- 
action can occur, leading to energy transitions, which we observe in the 
form of rotational spectra. A molecule which does not have a dipole is 
virtually incapable of this interaction. Thus homonuclear diatomic mole- 
cules such as H,, N, and O,, which have necessarily identical ends and 
so no dipole moment, do not give pure rotational spectra. 

On the other hand, heteronuclear diatomic molecules, such as HCl, 
CO, NO, etc., have dipoles and so can interact with the microwave 
radiation. Some heteronuclear molecules like GO, and ,CS,, however, 
show absence of radiation absorption in the microwave region. The 
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Fig. 10.16 Dipole fluctuation (in a particular direction) 
associated with the rotation of a diatomic molecule having 
a permanent dipole moment (After C. N. Banwexw Funda- 
mentals of Molecular Spectroscopy, McGraw-Hill Book Co. Inc., 
New York, 1966) 


explanation lies in the fact that these are symmetric molecules, O=C=O 
and S=C=S, whose dipole moments are necessarily zero. For the same 
reason, spherical top molecules also do not produce pure rotational 
spectra. All molecules having permanent dipole moment are therefore 
said to be ‘microwave active’ and those having no permanent moment 
are said to be ‘microwave inactive’. 


10:6-4 Determination of Moment of Inertia and Bond length 
from Rotational Spectra 
We have shown above that, for a diatomic molecule which is approxi- 
mated to a rigid rotor (which signifies that the bond is rigid), the spacing 
of the lines in the pure rotation spectrum would be constant. However, 
careful examination of the lines shows that, in fact, the spacing between 
the lines decreases at higher values of J. This is because the molecule is 
‘not truly rigid, so that when in the higher rotational levels the molecule 
rotates faster, the bond is stretched slightly by the centrifugal force. The 
increase in bond length increases the moment of inertia, and consequently, 
the spacing is decreased. However, the correction for this’ becomes 
appreciable only for high values of J; for low values of J, the frequency 
separation can be taken to be constant, and so Eq. (10.17) may be used 
to obtain the moment of inertia I (and hence the bond length) of the 
molecule. We can, of course, find the value of J directly from equations 
such as (10.14) and (10.15), after we have matched the individual absorp- 
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Fig. 10.17 A schematic representation of the rotational 
spectrum of CO 


tion lines in the spectrum with particular transitions between allowed 
rotational levels of the molecule. That the assignment of the absorption 
lines to particular transitiéns has been correctly done is verified when 
calculations yield essentially same value of J from each of the absorption 
lines. 

As an illustration of the application of the above method we may 
consider the microwave absorption of CO. A schematic representation 
of the rotation spectrum is shown in Fig. 10.17. The first line (J =0-1) 
in this spectrum occurs at the frequency of 1.153 x 104 c/s. Hence from 
Eq. (10.14) v, = 1:153 x 10% sec"? = 2B or B = 5.765 x 1010 -sec7! 
Now, from Eq. (10.11) we have ! 

| dep h «6.624 x 10°” 

co 8n2B 8n? x 5-765 x 1010 

We can now find the value of the internuclear distance using the 
relation of Eq. (10.5), which, in the present case, can be written as 
Teo = keo: Tco Where uco, the reduced mass of the CO molecule, is 
given by 


= 1-45 x 10- g cm? 


Memo  (12/6.023 x 10°4)(16/6.023 x 10?) 
Vee the E io (12 + 16)/(6.023 x 10%) 
= 1.14 x 1073 g/molecule j 
The internuclear distance or bond length rco is then calculated as 
ro = Violi = V(LAS x 100.14 x 10™) 
= 1.13 x 10 = 1.13 A 

In spectroscopic work, frequency is commonly expressed in terms of 

wavenumber*, y, which is defined as the reciprocal of wavelength and 


* In this Chapter we shall always differentiate the wavenumber frequency (cm7!) fram the 
true frequency (c/s) by placing a bar on the frequency symbol (v). 
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has the dimension of cm™!. It is related to the true frequency v in c/s by 
v = ch = cy (10.18) 
So when the frequency separation is given as Ay, we can calculate 
the true frequency separation from Av = c.Ay and then the moment of 
inertia I from Eqs. (10.17) and (10.11). 
A selection of bond lengths obtained from studies of rotational energy 
level spacings of diatomic molecules is given in Table 10.4. 


Table 10.4 Values of some Bond Lengths Determined by 
Microwave Spectroscopy 


——— 


Ks ie Ains. SRE A io AE 
Molecule Bond length (A) Molecule Bond length (A) 
co 1-128 HC! 1:275 
NO 1151 HBr 1-414 
HF 0:917 Hi 1.604 


10.6.5 Relative Intensities of Spectral Lines 
The intensities of the absorption lines in the rotational spectrum are 
not equal, (see, for example, Fig. 10.17). While Eq. (10.13) gives the 
positions of the spectral lines, we want now to consider the relative 
intensities of these spectral lines. We have seen that each absorption 
line in the rotational spectrum arises from transitions of molecules from 
one rotational level to the next higher rotational level, i.e. from J to J+ |. 
The relative intensities of the spectral lines would therefore be expected 
to depend on two factors: (i) the relative probabilities of transition 
‘between the various energy levels; as for instance, does a molecule have 
more, or less, chance of making the transition J — 0-1 than the transi- 
tion J =1 -> 2? and (ii) the relative population of the various rotational 
levels; as for instance, is there more, or less, number of molecules in the 
J = 0 level than in the J = 1 level? As for the factor (i), quantum- 
mechanical calculations show that the probability of all transitions with 
AJ = + l is the same. Thus the intrinsic probability that, say, a single 
molecule in the -/ = 0 state will move to / = 1 is the same as that of a 
single molecule in the J = 1 state moving to J = 2. It turns out that, 
since the intrinsic probabilities are identical, the intensities of the spectral 
lines will be directly proportional to the population of each rotational 
level, i.e. the numbers of molecules intially present in each level. 

The population of each rotational level is calculated by using Eq. 
(10.2), which we now rewrite as 


Oy O EL (en) kT (10.19) 

no go ; 
where n, is the number of molecules in the -/th level of energy (€,)3 "o 
is the number of molecules in the lowest rotational level for which Au 
and so from Eq. (10.10) the rotational energy is also zero. In Eq. (10.19) 
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gy and go represent degeneracies of the /th level and the lowest level, 
respectively; k is the Boltzmann constant. Degeneracy is the existence | 
of two or more energy states having exactly the same energy. We saw in 
Chapter 3 that the number of degenerate p orbitals in an atom is 2/+-1=3, 
since | = 1 for a p orbital. Similarly, in the case of d orbitals, for which 
] = 2, the degeneracy is 91 + 1 = 5. It can be shown that, for similar 
reasons, the degeneracy of a given rotational energy level is2.J +1, where 
J is the rotational quantum number. 

For the lowest rotational energy level, J = 0, so that gy = l and Eq. 
(10.19) becomes 


4 = (2J + 1) er EIET (10.20) 
0 


Whereas the term (2J + 1) increases steadily as J increases, the 
exponential term decreases slowly and then much more rapidly as 
J increases. Thus, at smaller values of J, the term (27 + 1) predominates, 
and at higher values of J it is the exponential term which predominates. 
As a result, the population of rotational levels rises to a maximum and 
then diminishes, as shown in Fig. 10.18 for the case of CO at Paar OF 
Differentiation of Eq. (10.20) shows that the population is a maximum 


at the nearest integral J-value to the value given by 
1 


99 
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Fig. 10.18 Populations of some of the rotational 


energy levels of CO at 25°C in terms of ne the 
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Since line intensities are directly proportional to the populations of 
the rotational levels, it is obvious that spectral lines arising from transi- 
tions between levels with very low or very high J values will have small 
intensities, and the intensity will be maximum at or near the J value 
given by Eq. (10.20a). 

It is necessary here to briefly mention the following considerations 
regarding the population of rotational levels of linear molecules possess- 
ing a centre of symmetry (e.g. Ha, Oa, CO,). If the molecule has a centre 
of symmetry, then nuclear spin (see Section 10.10) affects the population 
of its rotational levels. Thus for O, and CO, (since the spin of the oxygen 
nucleus with even charge and mass is zero) every alternate rotational 
level is completely unoccupied. In the case of H, and other molecules 
containing nuclei with non-zero spin (e.g. H-C = C—H), alternate 
levels have populations differing by a certain factor; this effect, due 
to nuclear spin, is superposed on the normal thermal distribution and 
degeneracy, and this results in an alternation of populations. 


(10.202) 


‘10.6.6 Rotation Spectra of Polyatomic Molecules 


Linear molecules. The spectral pattern for linear polyatomic mole- 
cules is found to be essentially similar to that for diatomic molecules. 
This stems from the fact that diatomic and linear polyatomic molecules 
are analogous, both being counterparts of a thin rod and as such the 
rotational energy expression of Eq. (10.10) is applicable in both cases. 
By a procedure analogous to that for diatomic molecules, the quantity B 
and thus the moment of inertia J for the linear polyatomic molecule can 
be evaluated. But difficulty arises when we wish to derive next the bond 
lengths. In general, a noncyclic polyatomic molecule containing n atoms 
has altogether n — 1 bond lengths to be determined. Thus, in a linear 


\:triatomic molecule there are two bond lengths, whereas there is only one 


moment of inertia for the end-over-end rotation of the molecule, which 
is given by 
mmr”. mmr? 

I= ee ae iia a (tra + Ta)? (10.21) 
where M = m, + m, + m, is the total mass of the molecule, and 7. and 
Ta are the bond lengths. It is obviously impossible to derive the two bond 
lengths from the one moment of inertia. The difficulty can be overcome, 
however, by working -with two isotopic species of the same molecule 
and assuming that the bond lengths in a molecule are independent of 
isotopic species present. We may thus have two moments of inertia and 
solve for two bond lengths. 

As an illustration, let us consider the rotation of the linear molecule 
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OCS, called carbonyl sulphide. We may consider two isotopic species of 
“OCS, such as 160 = 12C = %8 and 16O = 12C = %4§. At low values of 
J the rotational absorption lines for 16O = 1#C = *S are found to have 
a constant frequency spacing, Ay = 0.4054 cm™. The true frequency 
spacing is, therefore, 
Av =e.Ay = (3.0 x 10!°)(0-4054) 
= 1-216 x 10! sec"! 
From Eg. (10.17) we have 
B = Ay/2 = 6.08 x 10° sec 
Then from Eq. (10.11) we obtain 
h 6.624 x 1077 
= SS Oh > —40 2 
I SnB Bn? x608 x 10° 137.9 x 107% g. cm 
Following Eq. (10.21) the moment of inertia of the #O = ?C = *S 
molecule is given by 


yen MoMef*co , McMsl*cs | Mos (fco + Tes)” 
g= M + mig eA + M (10.224) 


where m; is the mass of atom 7, and Too and fcs are the bond lengths of 
the molecule. Considering now the other isotopic molecule, °0=?2C = “S, 
we may write m's for m, throughout Eq. (10.22a) to obtain 


pee MoMcl*co , MoM's ros, momM's(Too + Tes)” 
r= M + M + M ; (10.226) 


The value of J’ derived from the rotational spectrum of the molecule 
160 — 12C — 34S is 141.4 x 1074, The two measured moments of inertia 
can now be used to solve Eqs. (10.22a) and (10.228) for foo and Tes. 
This gives reo = 1.165 A and res = 1.558 A. Note that we do not need’ 
to write 7'os in Eq. (10.220), since we have assumed that the bond length 
is not changed if the mass of a nucleus in the molecule is changed. This 
assumption may be checked by studying the 180 = WC = ®?S and 
180 — 12C = 34§ molecules, since we would then have four moments of 
inertia, The bond lengths are found quite consistent, and this justifies 
the assumption. However, more accurate results are obtained if all the 
moments of inertia are found and the two bond lengths are then chosen 
to give the best agreement with them. 

Some molecular data obtained by this procedure are given in Table | 


10.5. 


Table 10.5 Some Molecular Data of Linear Polyatomic Molecules Determined by 
‘Microwave Spectroscopy 


Molecule Bond lengths (A) Molecule | Bond lengths (A) 


N,O NN 1.126 NO 1.191 BrCN CBr 1.790 ON 1.159 
HCN OH 1.064 ON 1.156 HCZC-CN CH 1.057 C-C 1.382 
G1CN CCl 1.629 CN.1.163 ON 1.157 C=C 1.203 
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Symmetric top molecules. Because of the occurrence of more than 
one principal moments of inertia for non-linear molecules, the energy 
level patterns, and hence the rotation spectra, of these molecules are 
more complicated than those of linear molecules. However, because of 
the symmetry of symmetric top molecules, their rotation spectra are 
still relatively simple. Considering CH,Cl (Fig. 10.12), for example, we 
recall that Ip = I, # J, and I, # 0. So, there are two types of rotation 
in which the molecule can absorb or emit energy, namely, the rotation 
about the top axis (i.e. the C—Cl axis, in this case) and that perpendicular 
to this axis. 

We thus need two quantum numbers, J and K, to represent the 
rotational energy levels of a symmetric top. The quantum number K 
refers to rotation about the top axis, and J refers to an end-over-end 
rotation of the molecule. Both the quantum numbers must be integral or 
zero. The quantum number <, as in the case of linear molecules, may 
have, integral values from zero upwards, while now the new quantum 
number K may have values 0,-+1,+2..----- + J. Note that K 
can be negative. We can imagine that the positive and negative values of 
K correspond to clockwise and anticlockwise rotation about the top axis. 

For a rigid symmetric top (i.e. a molecule in which the bonds are 
supposed not to stretch under a centrifugal force), the Schrodinger 
equation may be solved to give the allowed rotational energy levels as 


hè h2 he N 
E= 353, A (J +1) +- ar) | 
= hBJ(J + 1) + hk*(A— B) ergs (10.23) 
where B and A, called rotational constants, are, as before, B=h/8x2J, and 
A= Ah[8rty. 


Since the energy depends on Ķ?, it is immaterial whether the top 
rotates clockwise or anticlockwise. Therefore, for all K> 9, the rota- 
tional levels are doubly degenerate. 

The selection rules for rotational energy transitions of symmetric tops 
are AJ = + l, as in the case of linear molecules, and AK = 0. The 
physical interpretation of the second selection rule may be given as 
follows. Because of the symmetry of the molecule, its dipole is directed 
along the top axis. A rotation of the molecule about this axis, therefore, 
causes no dipole change, and consequently, the energy associated with 
this type of rotation cannot be changed by interaction with the electric 
field of the radiation. 

Applying the above selection rules to Eq. (10.23), the energy difference 
between successive rotational levels is obtained as 


(AEy)y->y4+1 = (Er)j+ lk — (Er)y,x 
L [AB(J +1) (J +2) +AK?(4—B)] — [ABJ (J +1) +hK*(A—B)} 
= 2Bh (J + 1) ergs (10.24) 


} 
| 
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This formula is identical with Eq. (10.12), as can be seen by putting 
J’ =J and J'=J +1. Consequently, the rotational spectrum of a 
symmetric top is just the same as for a linear molecule, and the frequency 
separation of the spectral lines is 2B sec“. Since only one moment of 
inertia — that for end-over-end rotation —can be obtained, it is 
necessary, as in the case of linear molecules, to determine the moments 
of inertia of several isotopic species in order to derive the molecular 
parameters. Considering our above example of CH,Cl, the structure is 
defined by the C—H and G—Cl bond lengths, and the HCH bond angle. 
To evaluate these three unknowns, moments of inertia of at least three | 
isotopic species are required. However, four isotopic species of this molecule 
H,C—®Cl, H,C—*Cl, D,C—*Cl and D,C—8’Cl are readily avail- 
able, so that cross-checking can be done to ensure accuracy. 

The molecular parameters of some symmetric tops obtained by micro- 
wave spectroscopy are listed in Table 10.6. 


Table 10.6 Molecular Parameters of some Symmetric Top Molecules 
Determined by Microwave Spectroscopy 


Diese A/T MPa Be SA ae Eee 
Molecule Bond angle Bond Length (A) 

CH,C1 HCH 110°30 CH 1.103, CC1 1.782 

CH,F HCH 110°0’ CH 1.109, CF 1.385 

CH,CN HCH = 109°8’ CH 1.092, CC 1.460, CN 1.158 
CHCl, C1CC1 110°24’ CH 1.073, CC1 1.767 

NH; HNH 107°18' NH 1.106 


ee eee ŘE. 


Spherical top molecules. Spherical sop molecules have no permanent 
dipole moment and so cannot produce a pure rotation spectrum. More- 
over, since the polarizability of a spherical top molecule does not change . 
during rotation, rotational Raman spectrum (see Section 10.9) is also 
not observed. Information about the molecular parameters of such a 
molecule must therefore be obtained from its vibration-rotation spectrum 


(Section 10.8). 


Asymmetric top molecules. The energy levels of asymmetric top 
molecules cannot be expressed in terms of a single equation like those 
of linear and symmetric top molecules, and the selection rules are only 
approximate. Effects of centrifugal distortions are, moreover, rather 
large. Consequently, the rotational spectra, even for simple asymmetric 
tops, are. extremely complicated and the determination of molecular 
parameters requires much tedious computation. However, very precise 
structural data of asymmetric top molecules have been determined by 
microwave methods; some are listed in Table 10.7. 

As a conclusion to this section, it can be said that in microwave 


spectroscopy we have a method for determining the structural parameters 
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Table 10.7 Molecular Parameters of some 
Asymmetric Top Molecules Deter- 
mined by Microwave Spectroscopy 


a a a_r 
Molecule Bond angle Bond length (A) 
H,O HOH 104°30’ OH 0.958 
O; OOO 116°49 OO 1.278 
CH,OH COH 110°15 OH 0.958 
CH,Cl, HCH 112° CH 1.068 
qiccl 111°47 ` CO1 1.772 
HNCO HNC 128°5' HN 0.987 
CO 1.171 
NC 1.207 


bat ania ama 


of those molecules which possess a permanent electric dipole moment and 
which can be studied in the gas phase. Values obtained from the analysis of 
pure rotational spectra are among the most accurate of all structural data. 


10.7 Vibrational Spectra 


In the rigid rotor model for the diatomic molecule dealt with in the pre- 
vious section, we assumed that the bond is inflexible. We now consider 
the fact that atoms in a molecule actually do not remain in fixed relative 
positions but vibrate about some mean, position. We have already, noted 
(Section 10.4) that the absorption of infrared radiation by a molecule 
increases its vibrational energy. From the measurement of infrared absorp- 
tion spectrum we can therefore derive information about the spacings of 
the allowed vibrational energies. Since the spacing of the vibrational 
energy levels of a molecule, as we shall see later, is related to the stiffness 
or flexibility of molecules, we can obtain information on this property 
of the molecule from the infrared spectrum. 

It must be borne in mind, however, that when the infrared radiation 
is passed through a gaseous sample, not only does the vibrational energy 
of a gas-phase molecule change as a result of the absorption of the radia- 


tion quanta, but the rotational energy of the molecule may also change.. 


This combination of vibrational and rotational effects results in additional 
complexity of the spectrum. It can be avoided by using the sample in the 
pure liquid state, or in asolution. Each molecule, in this case, is surrounded 
by closely neighbouring molecules which prevent it from rotating like a 
free molecule of the gas phase, but do not, however, affect the vibrations 
of the molecule. In this section, we shall concern ourselves with the study 
of the pure vibrational effects, i.e. the way in which a non-rotating mole- 
cule can vibrate, and see how we can use the vibrational spectra to learn 
about the rigidity of the molecule. 
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Fig. 10.19 ` Vibration of a ball-and-spring system 


10.7.1 Vibrational Motion of Systems that ‘Behave Classically 
The way in which a diatomic molecule vibrates can be approached by 
considering its ordinary-sized counterpart, consisting of two balls con- 
nected by a spring.: We shall, however, start with a discussion of the vibra- 
tional motion of a simpler system, that of a ball and spring, as shown in 
Fig. 10.19, and then extend it to the two-ball arrangement. Figure 10.19 
shows the direction of the restoring force f of the spring that acts on the 
ball when the latter is displaced by an amount, say x from the equilibrium 
position. We assume that our model is a harmonic oscillator, i.e. it abeys 
Hooke’s law, which says that the restoring force is proportional to the 
amount of displacement of the mass from the equilibrium position; 
consequently, 

f=— kx (10.25) 
where k is the proportionality constant, called the force constant of the 
spring. The minus sign has been introduced to show explicitly that the 
direction of f is opposite to that in which x increases. As can be seen, k 
is the value of the restoring force for a unit displacement, and so it is a 
measure of the stiffness of the spring. A strong, inflexible spring will have 
a large value of k whereas a weak spring, which is easily extended or 
compressed, will have a small value of k. 

As the spring moves up and down periodically, the ball attached to the 
spring also undergoes a periodic motion which can be described by 
either the sine or the cosine function of time. For the variation of the 
displacement x with the time t, we can therefore write 

x = Asin 2nvot or x = A cos 2rvot (10.26) 

Though either function can be used to describe the vibrational motion, 
we shall, however, use only the cosine function in the following discussion. 

The term A is the amplitude of the vibration and 27v9 js the constant 
soefficient of t. Every time ¢ increases by 1/vp, the argument 2rvot increases 
3y 2x and the cosine function completes a cycle. The time interval 1/vo 
s thus the number of seconds required for the ball to complete one vibra- 
ion or one cycle. It follows therefore that v is the number of cycles per 
econd, i.e. the frequency of the vibration. 

We shall now try to relate this vibrational frequency to the properties 
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of the spring system, namely, the mass m of the ball and the force constant 
k of the spring. 

Writing d?x/di for the acceleration a in the well known Newton’s 
equation f = ma and then combining it with Eq. (10.25), we have 

d*x 

— ke = mae (10.27) 
Substituting for x and its second derivative in Eq. (10.27) from Eq. 
(10.26), we then get 

— k (A cos 2rvot) = m (— 4r?vp* A cos 2Tvot) 


1 7/k 

or a a (10.28) 

Eq. (10.28) is our desired relation. We thus see that the system has a 
characteristic or fundamental frequency of vibration; this frequency is 
related to the force constant and the mass of the system, and is independent 
of the amplitude. 

We now extend the above treatment to the vibration of a system of 
two particles connected by a spring, as shown in Fig. 10.20. The dis- 
placement coordinates x, and x, and the directions of the restoring force 
on the particles, both when the spring is extended and when it is com- 
pressed, are indicated in Fig. 10.20. The extension of the spring, according 
to this representation, is given by (xg — xı); so, Eq. (10.25) now becomes 

f= k(x — 1) (10.29) 

Considering the system during extension and taķing care of the positive 
and negative directions of displacement, as shown in Fig. 10.20, we can 
express the accelerations of the first and second particles as — d?x,/dt? 
and d?x,/dt2, respectively. Corresponding to Eq. (10.27) we now have 


=k (%_— x) = m TE (10.30) 
; u 
and — k (x,— x1) = m Sa (10.31) 


aa 


| | 
—+— Restoring force, f —t+— 


PH | 72 
=e se 
Fig. 10.20 Vibration oi a system of two balls Restoring force,f 
and a spring (After G. M. Barrow The | 
Structuree of Molecules, Benjamin, New York | xi -X21 
1963) usis 1 
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The same two equations are also obtained for the system undergoing 
compression. 

Describing the oscillating motion, as before; by the cosine function of 
time, we can express the vibrational displacements of the two particles 
as x, = A, cos 2mvot, and x, = A, cos Qrevol. 

Substituting these expressions for x, and x, and their second derivatives 
into Eqs. (10.30) and (10.31) and then rearranging, we obtain 

kAy + (47292, — k) A, = 0 
and (4n%v92m,— k) Ay + kA = 0 

Eliminating the amplitudes A, and A, between these two equations, 
we obtain 

4ntv,? mtm 1 


k MMe p 
1 p/h 
or Yo =57 if (10.32) 


where u is the reduced mass of the two-particle system; vo is the funda- 
mental frequency of the system, treated as a classical harmonic oscillator. 
It can be seen that Eq. (10.32) is of the same general form as Eq: (10.28) 
for a one-particle system and can be derived from the latter simply by 
substituting u for m. ; 

The potential energy of the above model is derived easily. If the spring 
is to be stretched, a force must. be exerted in opposition to the restoring 
force of the spring, as given by Eq. (10.25). The work done in this process 
increases the potential energy of the system. If the potential energy for the 
equilibrium length of the spring is taken to be zero, one obtains the poten- 
tial energy for other lengths by simply integrating the force kx over the 
differential distance dx to obtain 


(se f kxdx = Hex! ~ (10.33) 
0 


where x is the distortion from the equilibrium length. 
Solving Eq. (10.32) for k and substituting the result into Eq. (10.33), 
we find that ; 
U = Iri e (10.34) 
It is casy to recognize that as a particle approaches the limit of its 
displacement, its kinetic energy decreases and its potential energy in- 
creases, while at the limit, i.e. at x = amplitude A, there is no kinetic 
energy and all its energy must then be potential energy; consequently, 
vibrational energy = 2r?w pA? (10.35) 


10.7.2 Vibrational Energies of Diatomic Molecules 
We have given above an introduction to the vibrational motion of 
systems that behave classically. Eq. (10.35), which isa classical mechanical 
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result, means that, since there is no restriction on the value of the ampli- 
tude A, the vibrational energy of a classical harmonic oscillator can have 
any value. In contrast to this, however, the vibrational energy of 
molecular systems, as we have earlier pointed out, is quantized, so that 
only certain values are allowed. We must therefore use the quantum- 
mechanical expression for the vibrational energies of our molecular model. 
The Schrödinger equation for the harmonic oscillator is 

a 8r? kx? 

SE (e-F)¥=9 Cae? 

This equation can be solved and the allowed energy values are found 
to be given by 


E = = F(a + 3) rel a EE Vea N (10.37) 
Qn!’ u 


where v, which can have only integer values, is called the vibrational 
quantum number. Combining Eqs. (10.32) and (10.37) we can also write 

Ey = hw (v + 4) (10.38) 
in which v, is the frequency of a classical harmonic oscillator with force 
constant k and mass y. 
- The allowed vibrational energies for a diatomic molecule, as given 
by Eq. (10.37), are shown schematically in Fig. 10.21. The energy levels 
are seen to be equally spaced, with a spacing of (h/2m)V. Kis or more 
simply, hv,. Since the selection rule for the vibrational quantum number, 
obtained from quantum mechanics, is Av = + 1, the energy difference 
Between two vibrational levels involved in a transition will always be 
equal to this spacing, and we would accordingly expect all lines in the 
spectrum to fall in the same place (see diagram at the foot of Fig. 10.21). 
To obtain the frequency of the spectral line we equate the spacing of the 
vibrational energy to the quantum energy of the radiation: hy = hY» 
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Fig. 10.21 Allowed transitions between the 
vibrational energy levels and the resulting spec- 
trum for a diatomic molecule that behaves as 
a simple harmonic oscillator 
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Thus, for the ideal. harmonic oscillator, the spectral absorption occu:s 
exactly at the classical vibration frequency. 

Since the vibrational energy spacing is usually large compared to kT; 
it follows from the Boltzmann distribution that at ordinary temperatures 
most molecules will be in the v = 0 vibrational level. Also note that, 
unlike the rotational energy, the vibrational energy is not zero even at 
the lowest vibrational level, since when v = 0, & = thvy. This half 
quantum of vibrational energy is known as [zero-point energy. This means 
that a molecule must always vibrate and can never be at rest. This is a 
significant wave-mechanical result which has been amply borne out by ' 


experiment. 


10.7.3 Interactions of Radiation with Vibrating Molecules 
When infrared radiation whose quanta are comparable in energy to the , 
spacing of vibrational levels is allowed to fall on a sample of heteronuclear 
diatomic molecules, the vibrating molecules can grab energy from the 
radiation beam and thereby increase their vibrational energy. These . 
molecules are therefore ‘infrared active’. The mechanism of this transfer 
of energy between the radiation and the vibrating molecule is similar 
to that discussed in connection with rotational spectra. We saw that for 
a molecule to be microwave active its rotational motion must produce 
fluctuation in the dipole moment. Similarly, for a molecule to.be infrared 
active its vibrational motion must give rise to a fluctuating dipole moment. 
This explains why heteronuclear molecules like HCl, CO and NO give 
vibrational spectra, whereas homonuclear diatomic molecules like H, 
and N, do not. The former are polar molecules and their dipole moments 
can generally be expected to be a function of the internuclear distance, `’ 
whereas the latter have no dipole moment no matter what the internuclear ` 
distance is. A 

It should be noted that whereas a molecule which does not possess 
permanent dipole moment cannot be microwave active, it may neverthe- 
less be infrared active if its vibration produces oscillating dipole-moment. 
We may consider the carbon dioxide molecule as an example. The 
molecule has a small positive charge on the carbon atom and small 
negative charges on outer oxygen atoms; but since the three atoms are 
arranged linearly, the net dipole moment is zero. The molecule is there- 
fore microwave inactive. We may now consider three modes of vibration 
for the CO, molecule. In the mode of vibration known as the symmetric 
stretch, where the molecule is alternately stretched and compressed with 
both G--O bonds changing simultaneously (see Fig. 10.22), the dipole 
moment evidently remains zero throughout the vibrational motion. 
This mode of vibration is therefore infrared inactive. 

‘In the asymmetric stretching mode of vibration, on the other hand, when 
one bond is stretched, the other bond is compressed (Fig. 10.23), This < 


290 Determination of Molecular Structure 


$- al 
es 
28" 28+ Las 
ge 
Sedo ee 
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Fig. 10.23 The fluctuation in the dipole moment due to 
the asymmetric stretching vibration of the carbon dioxide 
molecule (After C. N. BANWELL Fundamentals: of Molecular 
Spectroscopy, McGraw-Hill Book Co. Inc., New York, 1966) 


results in a fluctuating dipole moment, as shown in the lower part of Fig. 
10.23. This particular vibration is thus infrared active. 

The other mode of vibration, known as the bending mode, is also asso- 
ciated with a dipole fluctuation (see Fig. 10.24) and is therefore infrared 
active. 


10.7.4 Deduction of Molecular Properties from Vibrational | 
Spectra of Diatomic Molecules 

It is convenient to discuss this topic taking a specific example. A solution 

of carbon monoxide in the inert solvent carbon tetrachloride absorbs the 

infrared radiation at a = 4-68 x 10* A. (In terms of frequency* units 


* It should be noted that the wavenumber (v) of a spectral line is often referred to as the 
‘frequency’ of the line. Confusion should not arise, however, if the units of any expression are 
kept if mind, since v is in reciprocal cm (cm) while the true frequency v is in cycles/sec. 
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Fig. 10.24 Dipole fluctuation associated with the bend- 
ing motion of the carbon dioxide molecule (After C. N. 
BAnwELL Fundamentals of Molecular Spectroscopy McGraw- 
Hill Book Co. Inc., New York, 1966) 


of cm-}, usually used in the infrared region, this corresponds to v = 
2140 cm~.) The vibrational spectrum of CO thus has an absorption 
band at this wavelength. It should be mentioned that the solvent does not 
absorb radiation of this wavelength. : i 

The simple selection rule for the harmonic oscillator undergoing vibra- 
tional changes is Av = + 1. Now since molecules, as already mentioned, 
are mostly in the v = 0 vibrational level, we may assume that it is the 
transition from v = 0 to v = 1 that leads to the aforesaid absorption by 
CO. The energy spacing of these two vibrational levels, which is 
(h/27) Vkju from Eq. (10.37), is therefore equal to the quantum energy 
of radiation of frequency v = 2140 cm~! or v = 6:40 x 101% sec}. Thus, 

h vk 
— V- = hy = 4-24 x 107% erg t (10.39) 

2a V 

The value of u for CO, which we calculated in the previous section, is 
1-14 x 107» g. Eq. (10.39) is then solved to give k = 18-5 x 108 dyne/cm. 
This is the force constant of the bond in CO. 

The above example illustrates a procedure that can be used to obtain 
bond force constants for other molecules. Some representative data are 
presented in Table 10.8. 

Just as the force constant of a spring is a measure of the force required 
to stretch or compress the spring so also is the force constant of a chemical 
bond. In the light of this interpretation the results of Table 10.8 are readily 
appreciated. It is seen, for instance, that the bond in HF jis considerably 
more rigid than that in HI, and similarly, multiple-bonded molecules 
tike NO and CO have greater rigidiy than single-bonded molecules. 
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Table 10.8 Bond Force Constants of some Diatomic 
~ Molecules deduced from Vibrational 


Spectra 
Position of the Reduced Forg, 

Molecule absorption band mass constant 

(V, cm~!) (x 107*g) (x 105 dyne/em) 
HF 4138 1.59 9.7 
HCl 2886 1.63 4.8 
HBr 2650 1.65 4.2 
HI 2309 1.66 Sil 
co. 2140 11.4 18.5 
NO 1876 12.4 15.5 


We can also calculate approximately the vibrational amplitude of a 
diatomic molecule in a simple manner by adopting, in part, the classical 
picture of a vibrating system. The potential energy of a harmonic oscil- 
lator, expressed as a function of extension x from the equilibrium length, 
is given by Eq. (10.33). Since at the maximum extension, xmax, all of the 
energy of the oscillator is in the form of potential energy, we can write 

vibrational energy = $k x?max ‘ 

-The vibrational energy of the v = 0 state is obtained by putting 
v= 0 in Eq. (10.37), and its substitution in the above expression 
gives 


(hk Me lita ; 
als wo zh max (10.40) 


Knowing the values of the bond force constant k and reduced mass 
u, we can find Ymax, i.e. the amplitude of vibration. 

For HF, for example, we have from Table 10.8, k= 9-7 x 105 
dyne/cm, and » = 1:59 x 10-* g, so that from Eq. (10.40) we obtain 

amplitude of vibration = xmax 

= 0:092 x 10cm = 0-092 A 

The equilibrium bond length of HF, determined by the methods of 
rotational spectroscopy, is 0:917 A. We thus find that in HF the vibra- 
tional amplitude is about 10 per cent of the bond length even in the 
lowest vibrational state. This highlights the fact that molecules are not 
rigid structures, and we could rather look upon them as flexible spring 
systems. 


10.7.5 Overtone Transitions of Diatomic Molecules 

We shall recall that as a model of the diatomic molecule we took a system 

consisting of two particles connected by a spring, which behaves as a 

harmonic oscillator. The potential energy function for this system is given 
- by Eq. (10.33), while Eq. (10.37) represents the quantum-mechanical 
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expression for its allowed vibrational energies. The potential energy 
curve rises parabolically from a minimum, that is zero, at the equilibrium 
position, as shown in Fig. 10.25, which also shows the allowed vibrational 
energies forming a pattern of equispaced levels. 

While the representation of Fig. 10.25 is true for a simple harmonic 
oscillator, real molecules, however, do not obey exactly the laws of simple 
harmonic motion. Thus, although for small compressions and extensions, 
real bonds may be taken as perfectly elastic obeying Hooke’s law, at 
larger distortions, say more than 10% of the bond length, they deviate 
from Hooke’s law behaviour. Moreover, when greatly stretched, say 2 
times the.normal length, the bond is largely destroyed and further exten- 
sion becomes relatively easy. It thus turns out that at large extensions of 
the bond, the restoring force will no longer increase in proportion to the 
extension, but, in fact, will decrease and, at infinite extension, becomes 
zero. Thus, for small extensions of the bond, where Hooke’s law is obeyed, 
the potential energy will rise parabolically; however, for larger extensions, 
it will rise more and more slowly until, at very great extensions, it will 
cease to increase with further extension. On the other hand, if the bond 
is greatly compressed and the atoms are brought very close together, the 
repulsive forces will become dominant due to the proximity of the nuclei 
and that of extranuclear electrons. The compressed bond will, as a 
consequence, strongly resist further bond shortening, which means that 
with bond compression the potential curve will rise very steeply. It 
follows from these qualitative arguments, and also from more quantitative 
ones that can be given, that the potential energy curve for real molecules, 
which undergo anharmonic extensions and compressions, will have-the 
shape indicated in Fig. 10.26. The ideal potential energy curve ( broken 
line), corresponding to Hooke’s law behaviour, is also shown in the 
same diagram for comparison, i 

A purely empirical equation, which represents, to a good approxima- 
tion, the actual potential energy curve for many molecules, was derived 
by Morse and is callcd the Morse function: 
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Fig. 10.26 Comparison of the potential energy 
curve for a diatomic molecule undergoing anhar- 
monic oscillations with that (broken) deduced on 
the ‘basis of simple harmonic’ motion 


U =D, (1 —e-*)? (10.41) 
in which U is the potential energy for an internuclear distance r, reckored 
as zero at the lowest point of the curve, where it corresponds to the equi- 
librium distance r,; x is equal to (r —7,); B is a constant for the given 
molecule and D, is the dissociation energy reckoned from the lowest 
point of the curve. [It may be noted that as r approaches zero, U, accord- 
ing to Eq. (10.41), remains finite, though actually it should increase to 
infinity. This weakness of the Morse function is, however, not of much 
consequence, since the situation where r = 0 has little practical signi- 
ficance. ] 

When Eq. (10.41) is used instead of Eq. (10.33) in the Schrödinger 
equation, the allowed vibrational energies are found to be 

Er = hy, (v + 4) [L — a(n- })] ergs (10.42) 
where v is the vibrational quantum number, as before; v, is the oscillation 
frequency; defined below, and a is the corresponding anharmonicity 
constant. 

If we compare Eq. (10.42) with Eq. (10.38), we can write 

va = ve [1 — a(n + H] (10.43) 
where vg is the oscillation frequency of a harmonic oscillator having the 
same vibrational energy as the anharmonic one. 
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We thus sec that the anharmonic oscillator behaves like the harmonic ' 
oscillator, but with an oscillation frequency (and hence a force constant) 
that decreases with increasing v. We further note that at the equilibrium . 
point with zero vibrational energy, which corresponds to the hypothetical 
energy state of v = — $, Y, equals vy. We may therefore regard v, as the 
(hypothetical) equilibrium oscillation frequency of the anharmonic oscillator, 
that is, the oscillation frequency for an infinitely small amplitude of 
vibration about the equilibrium point. 

In the lowest vibrational state, ic. v = 0, the vibrational energy, 
from Eq. (10.42), is 

Ev = ghy,(1 — 4a) ergs , (10.44) 

The zero-point energy for the anharmonic oscillator thus differs slightly 
from that for the harmonic oscillator. 

For bond stretching vibrations, the anharmonicity constant a is always 
positive and small, of the order of 10-2. Eq. (10.42) then reveals that, in 
the lower energy range, the allowed vibrational energies of the anharmonic 
system are nearly equally spaced, but in the higher energy range they 
crowd more closely together with increasing 2, (see Fig. 10.27). This 
deviation from constant spacing is revealed by the overtone transitions, 
i.e. transitions of the type v = 0 tov = 2,0 = Oltov= 3, and so forth. 
The selection rule predicted by theory for the anharmonic oscillator is 
Av=+1, +2, +3, ...... However, since at room temperature, as 
we have already noted, nearly all the molecules in a sample exist in the 


Fig. 10.27 The allowed vibrational energy levels 
and’ some transitions between them for a diatomic 
molecule undergoing anharmonic vibrations 
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v = 0 state, because A ¢,> kT, we need consider only transitions from 
the v = 0 state, such as v = 0 ——> v = l, v = 0 —>0= 2, v = 0—> 
v = 3, etc., which are described respectively as fundamental, first overtone, 
second overtone, and so on. Further, it is observed that the spectral line 
intensity falls sharply at higher overtone transitions, so that in practice 
we can restrict ourselves to the following three possible transitions: 


(i) v = 0 —— v = l giving the fundamental absorption line of consi- 
derable intensity. The energy difference from Eq. (10.42) is 
Ag, = hv, (1 — 2a) ergs 
So the frequency (in wavenumber, cm~!) of the fundamental 
absorption line is 
ah hy, (1 — 2 2 À 
@) oven = A L 51 2a) em (10.454) 
_ where y, = v,/¢ cm7!. 
(ii) v = 0 —-> v=2, which gives the first overtone of small intensity at 
(¥)v=0--0=2 = 2v: (1 — 3a) cm (10.456) 
(wt) v = 0 —-> v = 3, which gives the second overtone of normally 
negligible intensity at 
(V)o=0-+7=3 = 3ye (1 — 4a) cm7! (10.45¢) 


These three transitions are shown in Fig. 10.27, and the corresponding 
spectrum at the bottom of this figure. Since a = 0-01, the first overtone 
occurs at frequency approximately twice that of the fundamental absorp- 
tion, and the second overtone occurs at frequency approximately thrice 
that ‘of the fundamental absorption. The infrared spectrum of HCl, for 
instance, shows a very strong absorption (fundamental) at 2,886 cm~, 
and a very weak one (second overtone) at 8347 cm™!. We can use these 
data to obtain from Hq. (10.45) the values of the anharmonicity constant 
and the equilibrium oscillation frequency for the HCl molecule. We 
find that a = 0:0174 and vy, = 2:99 x 108 cm! (hence y, = 8-97 x 
410% sec). 

So far we have considered only the transitions from the v = 0 state, 
because, as we saw earlier, ‘most of the molecules initially exist in this 
state at ordinary temperatures. However, if the temperature is high, say 
above 200°C, or the molecule is highly anharmonic, a small fraction of 
the molecular population may be in the v = 1 state to give rise to absorp- 
tions characterized by. transitions from the v = | state to higher states. 
Such. absorptions are usually very weak and are referred to as hot bands 
since a high temperature is one necessary condition for their appearance. 
A true hot band should increase in intensity as the temperature of the 
sample is increased. 


10.7.6 The Vibrations of Polyatomic Molecules 
Let us now investigate the vibrational spectra of polyatomic molecules. 


Diatomic molecules, as we saw earlier, give only one fundamental 
absorption band. This is because diatomic molecules have only one funda- 
mental vibration or degree of freedom. In dealing with vibrational absorp- 
tions of a polyatomic molecule, we shall therefore first need to consider 
the number of fundamental vibrations associated with it. 

Consider a molecule containing WV atoms. First, let us suppose that all 
the bonds in the molecule are weak so that each atom is free to move 
independently of the rest. Each atom would then be free to move in three 
perpendicular or orthogonal directions (e.g. x, y and z Cartesian axes) 
and would thus have three degrees of freedom. So the collection of N 
atoms constituting the molecule would have a total of 3.V degrees of freedom. 
Now let us imagine the bonds to be gradually strengthened till they 
become normal bonds of the molecule. When we consider this molecule 
as a whole, we do not ascribe three translational degrees of freedom to the 
motion of each atoms, but rather we ascribe three degrees of freedom to 
the translational motion of the whole molecule as a unit. We also have to 

- consider the rotational motion of the molecule. As we saw earlier; a non- 
lincar molecule can rotate about three mutually perpendicular axes that 
pass through the centre of gravity of the molecule and thus has three 
degrees of freedom for its rotational motion. Thus, of the total of 3V 
degrees of freedom for a group of V atoms, the molecular entity uses 
3 + 3 = 6 degrees of freedom. The remaining 3N—6 degrées of freedom 
must then be accounted for by other motions of the atoms constituting 
the internal vibration of the molecule. We thus see that a. nonlinear 
molecule with V atoms has 3N—6 vibrational degrees of freedom. The 
number of vibrational degrees of freedom corresponds to the number of 
basic ways in which the molecule can vibrate. We have thus shown that 
a non-linear molecule of V atoms can have 3N—6 fundamental vibrations. 

For linear molecules; however, as we saw in Section 10.5, only rotations 
about the two axes perpendicular to the bond axes constitute rotations 
of the system; hence only two degrees of rotational freedom are required. 
The number of vibrational degrees of freedom is therefore 3N—5. A 
linear molecule of W atoms can thus have*3N—5 fundamental vibrations. 
For diatomic molecules (necessarily linear) such as we have already 
considered in this section, V = 2, and 3N—5 = 1, so that there can be 
only one fundamental vibration. 

Let us next consider H,O. The triatomic non-linear molecule has 
3.N—6 = three fundamental vibrations. Each of these fundamental vibra- 
tions can be treated as thesingle vibration of a diatomic molecule leading 
to a single absorption band. The spectrum for H,O molecule will therefore 
be expected to show three dominant absorptions. This is corroborated 
by the observed spectrum fer water dissolved in an inert solvent, schema- 
tically shown in Fig. 10.28. Corresponding to each of the three absorption 
bands in the spectrum, we can draw a vibrational energy level diagram, 
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Fig. 10.28 Infrared spectrum (schematic) of H,O in an inert 

solvent showing three dominant absorptions 


as in Fig. 10.29(a), the energy spacing being given by the quantum 
energy of the corresponding frequency. 

Our next endeavour would be to associate each band with a particular 
vibrational mode. This can be done relatively easily for small molecules 
which have a small number of atoms and hence small number of vibra- 
tional modes. But the task becomes increasingly difficult for large mole- 
cules since the number of vibrations becomes correspondingly large. We 
can, however, follow an approximate procedure which is nevertheless 
very useful. The procedure is to associate a bond-stretching vibration, 
like that of diatomic molecules, with each bond and an angle-bending 
vibration with each inter-bond angle. In our H,O example, we may 
therefore identify the two higher-frequency absorption bands with 
stretching vibrations of the two O—H bonds and the third one, which 
occurs at a lower frequency, with the angle-bending vibration. Since, 
however, the two O—H bonds of H,O are identical, separately their 
stretching vibrations cannot give rise to absorptions at different frequen- 
cies. Each absorption is therefore not to be attributed to a separate vibra- 
tion of each bond. Rather the vibrations of the two bonds are coupled to 
give two different vibrations, namely, a symmetric stretching vibration and 
an antisymmetire stretching vibration. The ways in which the atoms would 
have to be moved, so that when released these three types of vibrations 
would occur, are shown in Fig. 10.29(4). It is easily seen that if the 
vibrating molecule is rotated by 180° about the symmetry axis (C3), 
the vibration is unchanged in the symmetric stretching mode, whereas 
in the antisymmetric mode, the same operation produces a vibration 
which is in antiphase with the original. Note that we have labelled the 
three vibrations in Fig. 10.29 as vs, vı and v. By convention, vibrations 
are usually labelled in decreasing frequency within their symmetry type- 
The label v; is thus attached to the symmetric stretching vibration as it 


Atomic Structure and Chemical Bond 299 


— 4 
—— 3 
—? 


D = |3652 em! 1 Je |3756 cm! 


a J«|1595 cm! 
0 0 0 
eT K A. 
R. — 
t) ae Wane NoN 
o Symmetric S Symmetric ‘Antisymmetric 


stretching (V) bending on) stretching W) 


Fig. 10.29 (a) The three vibrational energy levels and 
the transitions corresponding to the three absorptions in 
the spectrum of Fig. 10.28. (b) Three fundamental vibra- 
tions of the water molecule. The solid arrows show the 
way in which the atoms would have to be moved so that 
when released simultaneously the corresponding vibra- 
tion would occur. 


gives the highest symmetric frequency (3652 cm!) and the label vz 
to the symmetric bending vibration, having the next highest symmetric 
frequency (1595 cm™1); the remaining antisymmetric vibration (3756 
cm) is then labelled as vs. 

The three vibrational motions,in Fig. 10.29() are also referred to as 
the normal modes of vibration, or normal vibrations, of the molecule. In general, 
a normal vibration is one in which all the atoms in a molecule vibrate 
at the same frequency and in phase with each other, 

A condition that a vibration is infrared active, as we have already seen, 
is that there must be a periodic change of the electric dipole moment 
during the vibration. The dipole moment change may occur either along 
or across the line of the symmetry axis, and accordingly, the label 
parallel (||) or perpendicular (L) is attached to it. The nature of the 
change in the dipole moment for the three vibrations of the H,O molecule 
is depicted in Fig. 10.30. t 

We take the linear triatomic molecule CO, as our final example. The 
fundamental vibrations for this molecule are shown in Fig. 10.31. The 
symmetric stretching vibration, we have already seen, does not produce 
any change in dipole moment (which remains zero all through this motion) 
and is, therefore, infrared inactive. The corresponding vibration frequency 
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Fig. 10.30 The three vibrations of the water molecule and 
their associated dipole fluctuations. The amplitudes are 
exaggerated for clarity. (After C. N. Banwewv. Fundamentals 
of Molecular Spetroscopy McGraw-Hill Book Co. Inc., New 
York, 1965) 
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Fig. 10.31 Fundamental vibrations of the carbon dioxide molecule 


may, however, be obtained by other methods, which we shall discuss in 
a later section. The vibrations v, and v, produce dipole moment change 
(Figs. 10.23 and 10.24) and are therefore infrared active. According to 
the 3V—5 rule, we would ekpect four (3 x 3 — 5) modes of vibrations 
for CO,, instead of the three shown in Fig. 10.31. However, it should’ be 
noted that while by v we have represented a bending vibration in the 
plane of the paper, an exactly similar type of bending motion can occur 
in which the oxygen atoms move simultaneously into and out of the 
plane. Because the only difference between these two bending modes is 
one of direction, they have the same frequency, and so are said to be 
degenerate; they must, nevertheless, be considered as separate motions. 
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In sunmary, there are four normal modes of vibration for CO., but 
there are only three: different frequencies because of the degeneracy of 
two of the normal modes. 

As the presence of symmetry in a molecule may make some of the 
vibrational frequencies the same or may cause absence of some vibrational 
frequencies, study of vibrational spectra can provide valuable clues to the 
symmetry of the molecule in question. 

It can be seen from the two examples (H,O and CO,) given above 
that the stretching vibration frequencies are much greater than the 
bending vibration frequency. In view of the dependence of the vibration 
frequency on the force constant [see, for example, Eq. (10.32)], we can 
say —and it is indeed a general rule — that bond-stretching force 
constants are considerably greater than angle-bending force constants. 
A general conclusion that flows from this is that bond-angles are much 
more easily deformed than the bonds. 


10.%7 Overtone and Combination Frequencies for Polyatomic 
Molecules 

We would expect, in view of our above discussion, that the infrared spec- 
trum of a polyatomic molecule consists essentially of an absorption band 
at each of the 3N—6 (or 3N—5 for linear) fundamental frequencies. 
Plainly, this is based on the assumption that each vibration is simple 
harmonic. If, however, this restriction is lifted, as we have seen earlier in 
the case of diatomic molecules (Section 10.7.5), we have the possibility 
of overtone transitions. Corresponding to each of the fundamental modes 
Vis Yæ Vg, Etc., there is now the possibility of first, second, etc., overtones, 
of diminishing intensities, occurring approximately at twice the funda- 
mental frequency, thrice the fundamental frequency, etc. In addition to 
this, there may also be bands arising from two or more fundamental 
frequencies or overtones. Thus bands may occur at such combinations 
as vi + vp, 2y + Yo Va + Ya + Va, Etc. frequencies, and are known as 
combination bands. Similarly, difference bands may occur at frequencies such 
as Vy — Vo) 2v1 — Y» Yı + Yz — Va, etc. These band are normally weak 
but often occur in a complex spectrum. 

Further, it may happen that in a particular molecule two different 
modes of vibration, more commonly a fundamental and some overtone or 
combination, have frequencies very close to each other. Then just as two 
pendulums of similar frequencies resonate and exchange energy (see 
Section 6.2), the two close molecular vibrational frequencies may also 
resonate, resulting in two new frequencies, one higher and one lower 
than the original frequencies. Such a resonance phenomenon, when it 
occurs between a fundamental and an overtone, is known as Fermi resonance. 
A simple example of such resonance is found in GO, where v, (1330 cm~!) 
is very close to 2v, (1334 cm™); the two bands observed at frequencies 
1285 cm=}.and 1385 cm~! (whose mean is seen to be at about 1330 cm~?) 
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are therefore attributed to a resonance between v; and 2v,. (It may be 
noted that these bands are not observable in the infrared, but may be 
observed in the Raman spectrum, discussed in a later’ section). 


10.7.8 Information on Molecular Constitution from Infrared 
Spectra 

With an increase in the number of atoms in a molecule, the number of 
normal modes increases rather rapidly and a detailed analysis of the 
vibrational spectrum becomes impossible. One is therefore content to 
assign the strongest bands and to identify some of the weaker ones as 
overtones or combinations. For practical purposes, however, a number of 
very useful generalizations can be made. 

A particularly important spectral region is 1430-910 cm-t. This region 
contains many absorptions caused by bending vibrations and also the 
absorptions caused by several stretching vibrations (see Table 10.9). 
Since in a molecule, bending vibrations are in general more numerous 


Table 10.9 Characteristic Stretching Frequencies: of certain 
Groups of Atoms 


SS 


E a AEEA a i E DO ae 
Group Intensity of Group frequency range 
absorption peak* (cm) 
—O—H (v, sh) 3500-3700 
>N—H (m) 3300-3500 
=C—H (s) 3300-3400 
=Ç—H (m) 3000-3100 
C—H (aromatic) (v) 3050-3100 
C—H(aliphatic) (m-s) 2800-3000 
—CH, (s) 2970 (asym. stretch) 
(m) 2870 (sym. stretch) 
(m) 1460 (asym. deform.) 
(s) 1375 (sym. deform.) 
-—CH,— (s) 2930 (asym. stretch) 
(m) 2860 (sym. stretch) 
(m) 1470 (deformation) 
—S—H (w) 2550-2650 
—O=N (m) 2200-2300 
S (v, m, w) 2170-2270 
>C=0 (9) 1700-1850 
>C=C< (m) 1550-1650 
>0—N< (w) 1000-1200 
>0—0— (s) 1000-1200 
Sca=s (s) 1200 
SOF (s) 1050-1300 
>c—cl (9 700-800 
>C—Br (s) 550-650 
>c—I - (s) 400-550 
R oe ee 


Zo ee 
*y=variable, sh=sharp, s=strong, m=medium, w=weak 
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than stretching vibrations, this region of the spectrum is particularly 
rich in absorption bands. It is seldom possible to assign these bands to 
particular modes of vibration but the complex of bands as a whole is 
highly typical of the given molecular structure. Consequently, this fre- 
quency region, frequently called fingerprint region, is extremely useful in 
establishing ‘conclusively the identity of two samples. Similar molecules, 
for instance, may show very similar spectra at frequencies higher than 
1430 cm-, but in the fingerprint region there will usually be discernible 
differences. 

Many commonly occurring functional groups such as — CH, > G=O, 
—NH,, etc. give rise to one or more characteristic absorption bands 
when they are present in a molecule. These bands are, to a considerable 
extent, independent of the structure of the molecule as a whole and 
can be used for analysis. For example, all compounds containing a 
— ‘CH, group possess absorption bands in the region of 3000 cm~ and 
1400 cm=2. Similarly, all compounds with a > G = O group have a strong 
band in the region of 1700 cm=1. With a few exceptions, these character- 
istic group frequencies fall in the regions well above or well below the 
fingerprint region. Table 10.9 contains some of the more important group 
frequencies along with a qualitative indication of their intensities. 

‘A close look at Table 10.9 reveals some logical trends in group frequen- 
cies. We see, for instance, that the stretching vibration frequency decreases 
in the series C—H, C—F, C—Cl, C—Br and C—I. In accordance with 
Eq. (10.32), this trend is attributed to increasing mass of the atom within 
the group (and hence increasing ) in the same sequence. This also 
accounts for the fact that the stretching frequency of C = S is less than 
that of C = O. On the other hand, an increase in the strength of the 
bond, and hence an increase in the force constant k, should increase the 
vibration freqeuncy. This trend is observed in the series C—X, C = X, 
C==X, where X is C or N, and also in C—O and C = O. 

Much more extensive correlations of atomic groups and characteristic 

- absorption frequencies than that given in Table 10.9 are available, and 
such information is of considerable assistance in the identification and 
characterization of both organic and inorganic compounds. As an example 
of the application of the group frequency data, we shall analyse the 
infrared spectrum of thioacetic acid shown in Fig. 10.32. The bands 
clearly reveal the presence of — CH,, — C = O and —SH groups. This 
shows that the molecule is CH,CO.SH, and not CH,CS.OH. One 
may also make use of a negative evidence: if the spectrum does not 
contain the absorption bands characteristic of a certain group, the mole- 
cule docs not contain that group. In the above spectrum, it is seen that, 
apart from the general background of fingerprint bands, there is no 
absorption at about 1200 cm™, thus indicating that the molecule does 
not contain a > GC = S group. w . 

Slight variations in absorption frequencies are found to occur depending 
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Fig. 10.32 The infrared spectrum of thioacetic acid 


on the way in which the groups are joined together in the molecule, i.e. 
on the structure of the molecule as a whole. Information on structural 
details may therefore be obtained by measuring the exact positions of the 

absorption bands. For instance, one of the absorptions due to the C—H 
bond in benzene occurs at 670 cm~}, but moves to about 730 cm™ ina 
monosubstituted benzene compound, while for a disubstituted benzene 
‘compound the absorption moves near to 750, 780, and 820 cm for 
-ortho-, para-, and meta-substitutions respectively. One may therefore infer 
the presence or absence of different isomers, such as in a mixture of xylenes 
or cresols, simply from an examination of the infrared spectrum. 

' Resonance and intermolecular effects cause shifts in group frequency 
position. However, the shifts in themselves are highly characteristic 
and so are useful for diagnostic purposes. For example, >C = O and 
>C=C<, occurring as isolated groups in a molecule, give the 
expected- group frequencies of 1715 cm™ and 1650 cm! respectively, 


but when they occur together in a molecule as >G = euce O; 


their respective frequencies are shifted to 1675 cm™ and to about 1600 
cm~. The intensity of the >C = C< absorption, moreover, increases 
due to this coupling. 

A free O —H bond gives rise to stretching absorption at about 3600 cm™’, 
but the presence of hydrogen-bonding lengthens and weakens the O—H 
bond and so lowers its vibrational frequency. If the hydrogen bond is 
formed, for instance, between the O—H group and a >C = O group, 
the linkage in the latter is also weakened by the hydrogen-bonding and 
its absorption frequency is lowered, though to a smaller extent than in 
the O—H. 

Since, as we saw earlier, an infrared spectrum occurs only when the 
vibration produces a change in the electric dipole moment, an increase 
in the polarity of a bond will be expected to cause an increase in the 
intensity of its absorption band. This is gencrally borne out in practice, 
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as for instance, the intensities of the C—H, N—H and O—H bands in- 
crease in that order and so do the intensities of the C—C, C = N and 
C=O bands. 


10.8 Vibration - Rotation Spectra 


When a gas-phase molecule absorbs infrared radiation, in addition to the 
vibrational energy change of the molecule its rotational energy may 
also change. When this happens, each absorption band, which is due to 
a particular vibrational energy change, is found to consist of a number of 
relatively closely spaced absorption lines. These are the rotational compo- 
nents of the band and can be related to the rotational energy changes 
that occur simultaneously with the vibrational energy change. Studies 
of such vibration-rotation bands furnish both force-constant and moment- 
of-inertia data without recourse to microwave spectroscopy. In the follow- 
ing we shall be primarily concerned with the behaviour of diatomic gas 
phase molecules. 


10.8.1 Diatomic Vibrating Rotator 
Since the energies of rotational and vibrational motions are, in general, 
largely different (see Section 10.4), it is a good approximation to consider 
that a diatomic molecule can execute rotations and vibrations quite 
independently. This is tantamount to assuming that the combined vibra- 
tional-rotational energy is simply the sum of the separate vibrational 
and rotational energies. For the allowed vibrational-rotational energies 
of a diatomic molecule, considered as a rotating harmonic oscillator, 
we can therefore write by adding Eqs. (10.38) and (10.10), 
Eor = hyo (v + $) + ABJ(J + 1) ergs 
0.= 0,172.2 as 3 : 
I Oy Ai ii ar 

On inserting the appropriate value of v and J in Eq. (10.46), we obtain 
the values of vibrational-rotational energies that are allowed to a diatomic 
molecule. Eq. (10.46) thus allows us to show diagrammatically the allowed 
energy level pattern for a rotating-vibrating diatomic molecule. This 
is done in Fig. 10.33, in which, however, only the first two vibrational 
levels and the first five rotational levels associated with each vibrational 
level are shown. 

It may be shown that the selection rules for vibration-rotational 
transitions are the same as those for each separately, i.e. Av = + 1 and 
AJ = + 1. Strictly speaking, Av may also be zero, but then this is the 
case of pure rotational transition, which we have already dealt with in 
Section 10.5. It may be noted, however, that the transition with AJ = 0, 
except under very special circumstances, does not occur; this means that 
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a vibrational energy change must be accompanied by simultaneous 
rotational energy change. 

Considering a transition from a lower state defined by v” and J” to a 
higher state defined by v’ and J’ (it is conventional in spectroscopy to 
use a single prime for the upper state and a double prime for the lower), 
we have, in general, for the increase in energy of the molecule 

AEp, = hyo (v — 0") + ABLS'(J’ + 1) —J"(J" + 1)] ergs (10.47) 

When 2 gaseous sample is exposed to infrared radiation, molecules of 
the sample, initially distributed throughout many of the rotational levels 
in the v = 0 state, absorb energy from the infrared radiation and go to 
certain of the rotational levels in the v = 1 state. Since we have assumed 
that rotational and vibrational energy changes occur independently, we 
can take B to be identical in the v = 0 and v = 1 states. So we can have 

(i) AJ = + 1, ie. J’ — J” = l; hence 

Agr = hyo + 2hB( J" + 1) ip 


I= 0, 190. (10:38) 
(ü) AJ = -— l, ie J'— J" = — 
Ay, = hyg — 2hBJ” a 
Poitiers (10.49) 
_ Note that in Eq. (10.49), J” cannot be zero, since this would imply J’ 
having a value of —]. The above two equations may be conveniently 
combined into the expression 
Aor = hvg 4 m.2hB } 
pene OA (10:50) 
where m, replacing J” + 1 in Eq. (10 48) and J" in Eq. (10.49), has 
positive values for AJ = +-.1 and negative values for AJ = — 1; but m 


cannot be zero since this would require J’ or J” to be —1. 
Eq. (10.50) then represents the allowed vibration-rotational energy 
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changes. The frequencies (in wave-numbers) of the corresponding spectral 
lines are given by 

v= Boe (Yo + m.2B)/c = Vo + m.2B cm (10.51) 
where B = Bfc. 

The vibration-rotation spectrum will consist of equally spaced lines 
(spacing Ay = 2B) forming two branches; lines corresponding to negative 
values of m (i.e. AJ = —1) are referred to as the P branch and those 
corresponding to positive m (i.e. AJ = + 1) are called the R branch*. 
As m cannot be zero, the line corresponding to m = 0 will be missing 
from the spectrum and the position which this line would occupy, i.e. 


v= Vo 
is known as the band origin or band centre. 

Some of the allowed transitions as given by Eq. (10.50) are shown in 
Fig. 10.34 and the absorption spectrum that these transitions would 
produce is shown at the bottom of the figure. The spectral lines in the P 
and R branches have been labelled according to their J” values. This 
is the conventional notation for such spectra. 

The pattern for the vibration-rotation absorption band predicted 
above is nicely corroborated by the illustration in Fig. 10.35 showing 
the absorption band of gaseous HBr. We know from our above analysis 
that the spacing of the rotational components within the band is 2B and 
the band centre corresponds to vo. The first quantity thus allows calcula- 
tion of the moment of inertia and the equilibrium bond length, while 
the second quantity allows calculation of the bond force constant. Thus 
from the study of the infrared absorption bands for gas-phase diatomic 
molecules we can derive information on the structure as well as the 
rigidity of molecules without recourse to the less convenient microwave 
spectroscopy. As indicated in the case of vibrational spectra, homonuclear 
diatomic molecules, as they do not have permanent dipole moment, do 
not give a vibration-rotation spectrum also. 

As can be seen from Fig. 10.35, there is a variation in the intensity of 
the rotational components of the absorption band. This intensity 
distribution naturally arises from the initial distribution of the molecules 
among the various rotational levels, as discussed in Section 10.6.5, (see, 


for instance, Fig. 10.18). 


10.8.2 Asymmetry of Rotation-Vibration Absorption Band 

If one looks carefully at the finer details of the actual absorption band 
of Fig. 10.35, one will notice a significant fact that the spacing between 
the rotational components, in contrast to what would be expected from 


*The terms P and R belong to the sequence O, P, Q , R and S; these labels are attached to 
the line series corresponding to AJ = —2, —1, 0, + 1, and + 2, respectively. The AJ values 
of 0 and + 2, though not permissible here, do, however, occur in other contexts. 
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Fig. 10.34 Some transitions between the rotational-vibrational 
levels of a diatomic molecule. The absorption spectrum that 
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the simple theoretical deduction given above, is not exactly constant 
throughout the band. The weakness of the above treatment that has 
led to this failure to account for the actually observed variation is that we 
have so far assumed vibration and rotation to proceed independently 
without any interaction, so that the rotational energy does not depend 
on the vibrational energy. However, this assumption is not strictly correct. 
Thus, in view of the asymmetric shape of the potential energy curve 
(for anharmonic vibrations) of Fig. 10.26, showing a tendency to spread 
out to larger internuclear distances at higher energies, the average bond 
length, and hence the moment of inertia J, will be expected to increase 
as the molecule is raised to higher vibrational states. As the rotational 
constant B, is inversely proportional to J, it is clear that B is smaller in 
the upper vibrational state than in the lower; in other words, B decreases 
as the vibrational quantum number 2 increases. To a high degree of 
approximation, the variation can be represented by an equation of the 
form 

B, = B, — alv + 3) (10.52) 
where B, is the rotational constant in the vibrational level v, and B, is 
that based on the equilibrium bond length; and « is a small positive 
constant for a given molecule. 

Now, considering a diatomic molecule as a rotating anharmonic oscillator, 
we can take its vibrational-rotational energy to be the sum of the vibra- 
tional energy £» given by Eq. (10.42), and the rotational energy £r, 
given by Eq. (10.10), in which B, of course, will now be replaced by B,; 
thus, ; 

Ew = hy,(v + 4) [1 — alo + 9)] + ABI (J + 1) ergs 

| (10.53) 
A ERIRE REVI EPA 

Therefore, for the transition v = 0 > v = 1, we have 

Er = hy,(1 — 2a) + AB J'(J' + 1) —hByJ"(J" + 1) ergs 
where B, and B, are the B values corresponding to v = 0 and v = l, 
respectively. Evidently, By > By. 

As before, we have two cases: 

(i) AJ = +1, ie. J’—J" =1, 

AE = hy,(1 — 2a) + A(B, + By)(J” + 1) 
+ h(B, — Bo) (J" + 1)? ergs | (10.54) 
I= 012i 
and 
(ü) AJ =-—!1, ie. J'— J" =- l1, ; 
Mew = Ayd(1 — 20) — ACB + By) J" + (B — Ba) TY eres) oss 
95) 
4) esi peek Nera 
These two equations can be combined into the expression 
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Aw = hv,(1 — 2a) + mh(B, + Bo) + mh(B, — By) ergs 
h m= + J +2, Aare 
The frequencies (in wavenumbers) of the corresponding spectral lines 
are 


se È [ve(1 — 2a) + m(B, + By) + m?(B, — Bo) 


= ¥,(1 — 2a) + m(B, + B,) + m(B, — Bo) cm™ (10.56) 
where positive m values refer to the R branch and negative m values 
to the P branch, If we ignore anharmonicity, so that a = 0 [and hence, 
from Eq. (10.43), ve = Vo] and B, = Ba, Eq. (10.56) at once simplifies to 
Eq. (10.51). For the anharmonic case, however, B, < B, and the last 
term of Eq. (10.56) is therefore always negative, irrespective of the sign 
of m. Its effect on the vibration-rotation band is to crowd the rotational 
lines of the R branch more closely together, with increasing m, while 
those of the P branch become more widely spaced as the value of (negative) 
m increases. This is exactly the situation shown in the spectrum of Fig. 
10.35. Usually, the difference between By and B, is very small, and the 
effect thus becomes significant only at high values of m. 

From the observed frequencies of the P and R rotational lines of the 
fundamental vibrational band, one can evaluate By and B,, using Eq. 
(10.56) and then B, and « from Eq. (10.52). The equilibrium bond length 
and the ‘average’ bond lengths in the v = 0 and v = 1 vibrational states 
can then be calculated from B,, By and B, respectively. For CO, these 
bond lengths are found to be 1.130 A, 1.133 A and 1.136 A respectively. 
_ The infrared absorption spectra of gas-phase polyatomic molecules 
also exhibit in each of the vibrational absorption bands rotational struc- 
ture similar to that in the diatomic case considered above, but they are, 
naturally, more complicated. Thus since an asymmetric top molecule 
has three principal moments of inertia of different magnitudes, the pattern 
of allowed rotational energies in both the v = 0 and v = | states are 
very complicated and so the rotational transitions accompanying the 
fundamental vibrational transitions will give rise to correspondingly 
complicated bands. To characterize such spectra and then to deduce 
from them molecular properties is indeed a difficult job, and, in fact, 
only in a few cases has it been possible to do it completely. 


10.9 Raman Spectra 


When a beam of light falls on a substance, it may be transmitted, absor- 
bed, or scattered. If the substance is transparent and does not absorb in 
the visible region of the electromagnetic spectrum, nearly all of this light 
is transmitted. A small fraction of the incident light, however, emerges in 
all directions as a result of scattering. If the light is monochromatic, 
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Fig. 10.36 Schematic representation of a Raman spectrum. The Raman 
lines on the high-frequency side of the Rayleigh line are very weak. 


nearly all of the scattered light is observed to be.of the same frequency 
as the incident light (the so-called Rayleigh scattering), but longer 
exposures show that light of discrete frequencies above and below the 
incident frequency is also scattered; it is this latter phenomenon which is 
referred to as Raman scattering, after its discoverer C. V. Raman. A schematic 
representation of a Raman spectrum is shown in Fig. 10.36. The line at 
the incident (or “exciting”) frequency vw, is called the Rayleigh line, 
while the pattern of weak lines of modified frequency is called the Raman 
spectrum of the scattering substance. The frequency (or wavenumber) 
difference between the Rayleigh line and a Raman line is independent 
of the frequency of the incident line, but is characteristic of the scattering 
substance, being related to its vibrational or rotational transition. The 
difference, often referred to as the Raman shift, can be represented in the 
following ways: 
Ay = |y vr | = Vmol v Sec 

1 l 
w M 
where the subscripts J, R and mol refer to the incident light, the Raman 
line, and the molecule, respectively. The vertical lines indicate the 
absolute value of the corresponding difference. 


= Vmol cm~! 


10.9.1 Classical Theory of Raman Effect 

Some understanding of the Raman scattering may be obtained by con- 
sidering the process from a classical viewpoint. A concept that is basic 
to this process is the polarizability of a molecule (see Section 10.13). 
When a molecule is placed in a static electric field it undergoes some 
deformation, the electronic cloud being attracted to the positive pole 
of the field and the positively charged nuclei to the negative pole. This 
separation of charge gives rise to an induced dipole moment, wi, and the 
molecule is said to be polarized. The magnitude of u; depends on the 
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intensity of the electric field, Æ, and on the ease of deformability or 
polarizability, «, of the molecule. We may write 
ae ae (10.57) 
When a sample of molecules is subjected to a beam of radiation of 
frequency v;, each molecule in it experiences an electric field which 
varies according to the equation 
E = E, sin 2nvijt | 
A time-dependent dipole moment is therefore induced in the molecule: | 
ui = «E = aE, sin 2rvit (10.58) 
According to. the electromagnetic theory, an oscillating dipole emits 
radiation whose frequency is the same as its oscillation frequency. In 
Eq. (10.58) we thus have the classical explanation of Rayleigh scattering. 
If, moreover, the molecule itself undergoes some motion like vibration 
or rotation, which changes the polarizability periodically, then the dipole 
(oscillating with the frequency of the applied field) will have, superimposed 
on it, the vibrational or rotational oscillation. Consider, for example, a 
vibration of frequency vw, which changes the polarizability. For small 
displacements from the equilibrium distance, we can express the polari- 
zability in the following way 
a = a + sin 2rvt (10.59) 
in which æ is the polarizability in the equilibrium position and 6 represents 
the change in polarizability during the vibration. Consequently, the 
induced dipole moment is given by 
pi = a.E = (a + Bsin 2xv,t) Eo sin 2rv;t 
Making use of the trigonometric relation 
2 sin A sin B = cos (A — B) — cos (A + B) 


we find 
Wi = A% Ly sin 2rvjt + BE, cos 2x(v; — vy)t 
Ce es ——$ $$ 
I II 
— $8E, cos 2x(vj+ vy)t (10.60) 
S—— a 
III 


We thus see that the induced dipole moment has three components. 
The component I changes with the same frequency, as the incident light 
wave v; (called the exciting frequency), while the components II and III 
change with frequencies which are, respectively, the difference and the 
sum of the exciting frequency v; and the vibrational frequency v, of the 
molecule. We would therefore expect to find three frequencies in the 
scattered light: v; and v; + w. The spectral line at the exciting frequency 
v; represents the Rayleigh line, while those at frequencies v; ++ vy represent 
the Raman lines. Evidently, the Raman lines will be on both sides of the 
Rayleigh line. The line which occurs on the low-frequency side of the 
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Rayleigh line, i.e. at vi — Yo» is known as a Stokes line, while the line on the 
high-frequency side (vj + w) is called an anti-Stokes line. 

We see from Eq. (10.60) that the existence of Raman lines depends on 
B, the change in polarizability with the vibration. The corresponding 
spectrum is called vibrational Raman spectrum. Similarly, the change in 
polarizability during the molecular rotation also leads to a rotational 
Raman spectrum, in which the shifts from the Rayleigh line are related to 
rotational frequencies. We thus see that in order to be Raman active a 
molecular vibration or rotation must cause a change in the polarizability 
of the molecule. In contrast to this, the condition for infrared and micro- 
wave activity, as we have seen previously, is that the molecular motion 
must produce a change in the electric dipole moment of the molecule. 

While the conclusions drawn from Eq. (10.60) are, to a considerable 
extent, consistent with experimental observations of Raman spectra, 
there is, however, a marked disagreement. Thus, Eq. (10.60) predicts 
that the pair of Raman lines with the same absolute value of the frequency 
shift would appear in the spectrum with equal intensity, while, however, 
it is found that the lines on the high-frequency side of the Rayleigh line 
are very weak compared to those on the low-frequency side. We must 
therefore go beyond the classical interpretation given above. 


10.9.2 Quantum Theory of Raman Effect 

From a quantum point of view, we can picture the incident light of 
frequency v as a stream of particles (called photons) each having energy 
hy, where h is Planck constant. These photons are imagined to undergo 
collisions with molecules. If the collisions are perfectly elastic, there will 
be no exchange of energy between the molecule and the striking photons, 
and the latter will be simply deflected unchanged. A detector placed at 
right angles to the incident beam will thus record photons of energy 
hy, i.e, radiation of frequency v. However, some collisions may also 
result in exchange of energy between molecule and photon, and they 
are then called inelastic. 

Schematically, these processes can be illustrated as in Fig. 10.37. We 
may imagine that for the extremely short period that a photon is near a 
molecule during collision, the two form a sort of “complex” having an 
energy different from that of any molecular energy level. After the photon 
has moved away, it is most likely that the molecule will return to the 
level where it was before colliding with the photon [Fig. 10.37 (a)]. In 
such a case the photon energy is not changed by collision, and Rayleigh 
scattering occurs. There is also a small probability that, if the molecule 
was initially in the lowest vibrational level (v = 0), after interaction with 
a photon it will be in the next higher vibrational level (v = 1), as shown 
in Fig. 10.37(6). The scattered photon in this case will have lost some 
energy, equal to the energy gained by the molecule, and will consequently 
be of lower frequency. There is again a very small probability that a 
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Fig. 10.37 Diagram for (a) Rayleigh scattering with Av = 0. (b) Raman 
scattering with Ay <0. (c) Raman scattering with Ay > 0, 
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molecule, which is intially in the v = 1 level, will, after interaction with a 
photon, move to the v = 0 level [Fig. 10.37(c)]. The energy lost by the 
molecule is gained by the scattered photon, which therefore has a higher 
frequency. The last two situations pertain to Raman scattering. As we 
saw earlier, at ordinary temperatures, only a small number of molecules 
can be in the v = 1 level, while the majority of them exist in the v = 0 
level. It is therefore easy to predict that for a pair of Raman lines having 
the same value of the frequency shift, the line with frequency higher than 
the incident frequency will be weaker than the one with the reduced 
frequency. 


10.9.3 Pure Rotational Raman Spectra 
For a complete treatment of the Raman scattering, quantum mechanical 
perturbation theory must be applied. The rotational selection rule which 
is derived from this theory is AJ = + 2, in contrast to the corresponding 
selection rule for microwave spectroscopy, AJ = + 1. (That in Raman 
work the rotational quantum number changes by two units rather than 
one is related to the fact that the molecular polarizability, in contrast to 
the permanent dipole moment, is not a vector quantity, and so in every 
complete rotation, it returns twice to its original value. Thus the 
` polarizability changes with a frequency which is twice the rotational 
frequency of the molecule.) 

The expression for rotational energy levels of linear molecules has 
already been stated [cf. Eq. (10.10)]. 

& = ABI (J + 1) | 


FeO AO rah (10.61) 
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It is the usual practice to define AJ as J in the upper state minus J in 
the lower state. Now, since for a pure rotational change the upper state 
J must necessarily be greater than the lower state J, by adopting the 
above definition we can ignore AJ = — 2 in the present case, and restrict 
ourselves only to AJ = + 2. 

Combining with AJ = + 2, the energy changes for the allowed 
transitions are obtained as 


Ag, = Ba + 6) ergs } (10.62) 


where J is the rotational quantum number in the lower state. Since 
AJ = + 2, we may refer to the lines arising from these energy changes as 
S branch lines; this is indicated by putting subscript s. 

If the molecule gains an amount of rotational energy, as given by Eq. 
(10.62), from a photon during collision, we get an S branch line on the 
low-wavenumber side of the exciting line. This is therefore a Stokes line. 
The frequencies (in cm7!) of Stokes lines are consequently given by 

Se = Vex — AB (4J + 6) [he = Vex — B (47 + 6) cm~ (10.63) 
where Vex is the frequency (in cm™) of the exciting radiation. The cor- 
responding equation for anti-Stokes lines of the S branch is, evidently, 

Vs = Vex + B (47 +6) cm (10.64) 
where, as before, J is the rotational quantum number in the lower state. 

Figure 10.38 shows schematically the allowed transitions between the 
rotational energy levels and the predicted pattern for the rotational 
Raman spectrum. The relative intensities depend on the relative popu- 
lations of the rotational levels, as given by Eq. (10.20). Since many rota- 
tional levels are populated, downward transitions are quite as likely as 
upward ones, and consequently Stokes and anti-Stokes lines are compa- 
rable in intensity. 

It is seen from Eqs. (10.63) and (10.64) that the frequency separation 
of the first Stokes or anti-Stokes line (which coresponds to J = 0) from 
the exciting line is 6B cm™, while the separation between successive 
lines on either side of the exciting line is 4B cm~. From measurements 
of the rotational Raman spectrum we can thus immediately obtain a 
yalue of B (i.e. B/c) and from it the moment of inertia and bond length. 
Homonuclear diatomic molecules (e.g. O,, H,), as we have already 
seen, give neither infrared nor microwave spectra since they possess no 
dipole moment, but such molecules do give a rotational Raman spectra. 
So now for the first time we have seen a method for obtaining mole- 
cular parameters of homonuclear diatomic molecules. 

It has already been stated (p. 269) that the alternate rotational levels 
of linear molecules like O,, GO,, which are composed of nuclei with zero 
spin and have a centre of symmetry, are completely unoccupied. This is 
revealed in the Raman spectrum by the absence of alternate spectral 
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lines; for example, in the case of O,, every level with an even value of J 
is empty, and so the transitions which are labelled J = 0, 2, 4,...in 
Fig. 10.38 will be missing from the spectrum of O,. This leads to a line 
spacing of 8B instead of the usual 4B discussed above. On the other 
hand, in the case of molecules containing nuclei with non-zero spin and 
having a centre of symmetry (e.g. Ha, H — C = C — H), the spectral lines 
show a strong, weak, strong, weak,...... alternation in intensity. 

In the case of symmetric top molecules, rotation about the top axis 
produces no change in the polarizability, but end-over-end rotations do 
produce such a change. The rotational energy levels have already been 
stated [cf. Eq. (10.23)]. 

Esx = ABJ (J +1) + hK? (A — B) ergs 

Jia Ossie. e (10.65) 
K=0, +1.42,....47 


| 
| 
| 
| 
| 
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where K, it will be recalled, is the rotational quantum number for axial 


rotation. 

The selection rules for Raman spectra may be shown to be AK = 0 
and AJ =0,+1, +2, except for K = 0 states when AJ can be only 
+2. The selection rule AK = 0 implies that rotations about the top 
axis are Raman inactive. 

As before, we restrict ourselves to positive AJ. We then have the 
following two expressions for rotational energy transitions: 

(i) AJ = +1 (R branch lines) 

AER = &3+1,K — &7,K 
= 2hB (J + 1) ergs (10.66) 
where J = 1, 2, 3, ..---- , but not zero. [J cannot be zero, since, ac- 
cording to Eq. (10.65), when J = 0, K can be only zero and, as stated 
above, when K = 0, AJ can be only + 2) 
(ii) AJ = +2 (S branch lines) 
Ags = EJ+ 2K — EJ,K 
= hB (4J + 6) ergs 
Sr 0, 114 25h ee : (10.67) 

Thus in the Raman spectrum of a symmetric top molecule, we shall 

have two series of lines of frequencies: 


Te = Vex + 2AB (J + I) fhe = Vex £ QB (J + 1) cm™ 


J ALEON Eg i 
Se = Ver LE AB (4J + 6) [he = Ver + B (4d + 6) om™ 
J O 


It follows then that the lines in the R branch will be 4B, 6B, 8B, 10B, 
.... cm~ from the exciting line, while the $ branch lines will occur 
at 6B, 10B, 14B, .... cm". Clearly, every alternate R line will be over- 
lapped by an S line, and the complete spectrum will thus be expected 
to show a marked alteration in intensity. ; 

In the case of spherical top molecules (e.g. CHa; SiH,), the polariza- 
bility does not alter with rotation. So pure rotations of spherical top 
molecules are Raman inactive. Bond lengths in such molecules must 
therefore be obtained from the fine structure of vibration-rotation 
spectra. 

All rotations of asymmetric top molecules, on the other hand, are 
normally Raman active and, in consequence of this, their Raman 
spectra are quite complicated. 


10.9.4 Vibrational Raman Spectra ; 
The transition energies of the vibrational Raman spectra are easily 
derived. For every vibrational mode we can write an expression of the 


form of Eq. (10.42): 
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€ = hy, (v + 4) — hv, a (0 + 3)? mE (10.68) 
E E EE 
where, as before, v, is the equilibrium oscillation frequency and a is the 
anharmonicity constant. 

The selection rule for energy transitions is, as for the infrared spectros- 
copy, Av = + E 2, E 3e with the probability of Av = + 2, 
4+3, ... , decreasing rapidly. Considering only the v= 0 ->v = 1l 
transition, we have in general 


A€fundamental = (€)v-1 En (Evao 
= hy, (1 — 2a) ergs 
Corresponding to each active fundamental vibration we can then write 
for the Raman lines: 


Vfundamental. = Vex E Ay, (1 — 2a)/he 
= Ver E ve(1 — 24) (10.69) 
where, as before, the plus sign refers to the anti-Stokes lines, the minus 
sign refers to the Stokes lines, and y,x is the frequency (in cm™) of the 
exciting radiation. 

Since, as we saw earlier, very few of the molecules exist in the v = 1 
state at ordinary temperatures, the anti-Stokes lines will be normally 
expected to be much weaker than the Stokes lines. 

When the chemical formula of a given molecule is known, we can 
predict for each symmetry group, to which the molecule might belong, 
the number of normal vibrational modes that will be Raman active and 
infrared active. A comparison of the Raman spectra and infrared spectra 
with the predicted patterns then reveals whether the assumed symmetry 
group is the correct one. Consider, for example, the AB, type molecules. 
In general, we would expect for them (3 x 4—6) = 6 normal modes 
of vibration. The two simplest possible shapes for this type of molecules 
are symmetric plannar (symmetry group Da) or regular pyramidal 
(symmetry group C;,). For both the planar and pyramidal shapes,. one 
stretching mode and one bending mode are each doubly degenerate 
and so only four different fundamental frequencies should be observed. 
Now, if the AB, molecule is planar, it can be predicted that of the four 
observable frequencies one should appear only in the Raman spectrum, 
one only in the infrared spectrum, and two in both Raman and infrared 
spectra. For a pyramidal AB, molecule, however, it can be predicted 
that all normal modes are both Raman and infrared active, and so all 
four different fundamental frequencies should appear in both Raman and 
infrared spectra. Let us take the nitrate ion (NO) and the chlorate ion 
(C1037) as examples. That the observed spectra are consistent with a 
planar structure for NO% and a pyramidal one for ClO% is shown by the 
data given in Table 10.10. 
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Table 10.10 Fundamental Frequencies (in cm~1) Observed in 
Raman and Infrared Spectra for Nitrate and 
Chlorate Ions 


, NOJ clog 
Vibration Raman Infrared Raman Infrared 
Sym. stretch, vı 1049 — 982 994 
Sym. deformation, va — 830 610 624 
Asym. stretch, vs 1355 1350 940 950 
Asym. deformation, v 690 680 450 434 


10.9.5 Summary 

It is evident from the above discussion that the uses of Raman spectro- 
scopy are similar to those of infrared and microwave spectroscopy. If 
the rotational Raman lines are resolved, molecular parameters may be 
determined as in microwave spectroscopy, while if only vibrational 
Raman lines are observed, information may be obtained about the 
symmetry of the molecule and interatomic forces. A major disadvantage 
of Raman spectroscopy is the weakness of its spectra which generally 
leads to poor resolution compared to microwave and infrared spectra. 
On the merit side, however, it may be said to have brought microwave 
and infrared studies to the visible region where photographic methods 
can be conveniently used to record the spectrum. Thus, allowing suffi- 
ciently long exposure times, even the weakest of lines can be detected on 
a photographic plate. In recent years, moreover, the use of LASER devices 
(which are a source of extremely sharp and intense monochromatic 
light beams) has opened up possibilities for very high resolution and 
high sensitivity. work in Raman spectroscopy. 

Rotations and vibrations of heteronuclear molecules can be studied 
in both infrared and Raman spectroscopy. Homonuclear molecyles, 
however, are inactive in infrared (and also in microwave), but they are 
Raman active and so can be studied by Raman spectroscopy. In the 
study of polyatomic molecules, Raman and infrared spectra generally 
supplement each other. Both types of spectra are usually needed to esta- 
blish the symmetry group of a molecule of unknown symmetry: 


10.10 Electronic Spectra 


At ordinary or room temperature, molecules have the arrangement of 
electrons that gives them the lowest energy. This electronic arrangement 
is therefore referred to as the normal, or ground, electronic state. Other 
electronic arrangements are also possible, but being of much higher 
energy than the ground electronic state these are not ordinarily en- 
countered and are referred to as high-energy, or excited, electronic states. 
We can, however, raise the molecules to the excited electronic states by 
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heating them to thousands of degrees im an arc or electric discharge. 
Then when the molecules return from the excited electronic state to the 
ground electronic state they generally emit ultraviolet or visible radia- 
tion. By studying the emission of radiation, one can often deduce some- 
thing about the excited state of the molecule. However, an alternative 
method of knowing about the excited state is to pass ultraviolet or visible 
radiation into the sample at room temperature and to measure the 
radiation that is absorbed for transition to a high-energy electronic state. 

We see from the above that in spectral transitions of a molecule in the 
visible and ultraviolet regions the electrons of the molecule acquire 
energy, or lose energy. For studies in the visible and ultraviolet regions 
one therefore uses the term electronic spectroscopy. The subject can be 
divided into two broad areas — one dealing with the electronic spectra 
of small and simple molecules and the other dealing with those of larger 
polyatomic molecules. 

Experiments usually done for spectroscopic studies in these two areas, 
as also the types of information derived from them, are generally dif- 
ferent. For small molecules, for example, experiments are generally 
done on samples in gas phase; the absorption or emission of quanta can 
therefore lead to vibrational and rotational energy changes, in addition 
to the change in electronic energy. The vibrational changes produce 
a ‘coarse structure’ and rotational changes a ‘fine structure’ on the elec- 
tronic spectra. So by analysing the detailed structure of the electronic 
spectra we can obtain information on the rotational and vibrational 
energies, and hence size, shape and flexibility of the molecule in both 
the ground and excited electronic states. In contrast to this, spectros- 
copy in the microwave and infrared regions, it will be recalled, usually 
tells us about molecules as they exist in the ground state. 

Larger polyatomic molecules, on the other hand, have been studied 
mostly in solution at room temperature; consequently, no rotational 
fine stucture or emission of radiation is observed, and one obtains an 
electronic spectrum containing rather broad absorption bands with 
little or no detail. From the observed frequency of such an absorption 
band we can derive information on the relative energies of the ground 
and excited electronic arrangements, but the actual structure of the 
excited electronic state cannot be deduced. 


10.10.1 Electronic Spectra of Diatomic Molecules 

We saw earlier that pure rotation spectra can be obtained only for mole- 
cules possessing a permanent electric dipole moment, and vibrational 
spectra for those showing change of dipole moment with motion. Homo- 
nuclear diatomic molecules (e.g. H}, N,) thus do not give rotation and 
vibration-rotation spectra. Electronic spectra, however, are given by all 
molecules, including homonuclear diatomic molecules, since changes 
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in electronic arrangement in a molecule are always accompanied by 
a change of dipole moment. 

Measurements of electronic spectra provide information on the rela- 
tive energies of the various possible electronic arrangements that a mole- 
cule can have. It has been found that the allowed electronic energies of 
a molecule form a pattern that is characteristic of the molecule itself and 
is devoid of the uniformity and order that have characterized the vibra- 
tional and rotational energy patterns. 

With an excited electronic arrangement the molecule can vibrate just 
as it can with the ground-state arrangement. Figure 10.9, for example, 
shows the allowed vibrational energies for two different electronic ar- 
rangements — one in the ground state and the other in an excited state 
— for a typical diatomic molecule. It should be mentioned that the 
molecule can adopt many other excited electronic arrangements, each 
of which would lead to a set of vibrational energy levels. For our present 
purpose, however, it is sufficient just to consider one of these excited states. 
Again, each vibrational level of the molecule in each of its electronic 
states will have its own set of rotational levels, as indicated by the short 
horizontal lines in Fig. 10.9. 


10.10.2 Vibrational Coarse Structure of Electronic Spectra 
Let us first discuss the vibrational structure of electronic spectra ignoring 
the rotational fine structure. For this we drop the rotational energy term 
from Eq. (10.1) to write 


E; = E, + E 
or, considering energy per molecule, 
&; = &, + & 
Using the expression for €s from Eg. (10.42) we can write 
& = & + hy, 0 + 2) —hy, a(o + 2)? ran (10.70) 
z= 0, 1, 2,.... 


The energy levels corresponding to’ this equation are shown in Fig. 
10.39 for two electronic states. Following the previous practice the lower 
states are indicated by a double prime (") and-the upper states by a single 
prime(’). Since an excited electronic state normally corresponds to a 
weaker bond, and hence a smaller y,, the vibrational levels in the excited 
state would be more closely spaced than those in the ground state. This is 
shown in Fig. 10.39. | 

In electronic transitions, the accompanying change in the vibrational 
quantum number is not limited by the selection rule mentioned earlier in 
connection with vibrational transitions (Section 10.7.2). Thus, any 
transition v” ——> 2’ has some probability and the spectrum would be 
expected to show a multitude of lines. The situation, however, is consi- 
derably simple for electronic absorption from the electronic ground 
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À Fig. 10.39 Transitions between vibrational energy levels 


associated with the ground electronic state and a higer elec- 
tronic state. The vibrational ‘coarse’ structure of the elec- 
tronic absorption band that these transitions would produce 
is shown in the lower portion of the illustration. (The spacing 
between the electronic states is not in correct proportion to 
the other spacings.) 


state to an excited state, because in the ground state almost all the mole- 
cules exist in the lowest vibrational level, and so only transitions from 
s" = 0 to various v are to be considered, as shown in Fig. 10.39. The 
resulting spectral pattern is shown at the bottom of the figure. Following 
the usual practice, these transitions are labelled according to their (v’, 2”) 
numbers, as for example, (0,0), (1,0), (2,0), (3,0), ete. The set of lines: 
corresponding to these transitions, is called a v’ progression, since the value 
of v' increases by unity from line to line in the set. è 

An expression for the spectral line frequencies is easily derived from 


Eq. (10.70) : 


Ag = (Be g") + (Ev — Go") eres (10.71) 
w A Os os ” 
Ipe = pe = ee DI 
-pn ophav OT 4)3} om (10.72) 


where v'e = Velo and V", = v'elé 
Tf some half a dozen lines in a v' progression can be measured, we can 
calculate from Eq. (10.72) the energy difference of the electronic states 
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(e’, —£".), as also the values for the vibrational frequency (v,) and 
anharmonicity constant (a), in both the ground and the excited electro- 
nic states. 

Most vibrational-electronic spectra are more complicated than the 
one represented in Fig. 10.39, where we have considered only transitions 
from the ground state to one excited electronic state. There are, how- 
ever, many more excited electronic states (e'e) for a molecule, just as 
there are for atoms, and transitions may occur between several of them. 
Each of these electronic transitions will give rise to a band having a 
vibrational structure of the type shown above. So the electronic spectrum of 
a molecule will consist of many such bands, some of which will overlap also. 

The situation is rather more complex for emission spectra. In emission 
electronic transitions, the molecule which may have been previously 
excited to any (g’,, v’) state can return to any (g”,, 0”) state below it. 
The spectrum will therefore show a great many v’ progressions. 

Let us now use the potential energy view to describe the diatomic- 
molecular energies for the ground and excited electronic states. We have 
already had examples of the potential energy versus internuclear distance 
curves while dealing with the molecule as a vibrating system in Section 
10.7.5. By potential energy we then meant the energy of the molecule 
exclusive of kinetic energy of vibration, and the molecule was also consi- 
dered to be at ordinary or room temperature, i.e. in the ground electro- 
nic state. The potential energy curve and the vibrational energy level 
pattern of Fig. 10.27 thus actually correspond to the ground-state elec- 
tronic arrangement of the diatomic molecule. A similar diagram can 
also be drawn for any excited electronic state, in which the molecule is 
stable in respect of dissociation into its atoms. Of course, there will pro- 
bably (though not necessarily) be differences between the two states in 
the value of such parameters as equilibrium oscillation frequency (v), 
equilibrium internuclear distance (r,), or dissociation energy (D,), which 
will result in a different (though not dissimilar) potential energy curve 
[see Morse function, Eq. (10.41)] for the excited state. 

We recall that the potential energy curve, also referred to as the Morse 
curve, represents the energy of the molecule as the internuclear distance 
changes between the limits (of compression and extension) shown in the 
curve. In other words, corresponding to any vibrational energy (see 
Fig. 10.27) the two points on the curve represent the limiting internu- 
clear distances in compression and extension, i.e. at the turning points 
in the vibrational motion. Since it is at the turning points that the oscil- 
lating atoms move most slowly, we would ordinarily expect that the 
vibrating molecule would spend most of its time at these points, or we 
may say, the molecule would most probably be found on the curve. Let 
us now look at the quantum-mechanical picture. Figure 10.40 shows the 
variation of )? (where ) is the vibrational wave function) with internu- 
clear distance for various vibrational states. The significance of such 
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Fig. 10.40 The probability distribution for a 
diatomic molecule in various vibrational states 


plots is that the nuclei are most likely to be found at distances apart that 
correspond to the maxima of the curve for a given vibrational state. 
The quantum theory thus says that in the v = 0 state, the most probable 
internuclear distance is the equilibrium one, rfe, in sharp variance with 
the classical picture given above. However, it is seen that, as v increases, 
the most probable internuclear distances steadily approach the limiting 
distances given by the points on the Morse curve, and the quantum- 
mechanical picture converges on the classical one. 

Out of a large number of possible electronic states with different 
potential energy curves, the three pairs of curves shown in Fig. 10.41 have 
been selected as illustrative. In Fig. 10.41(a) we show the upper electronic 
state having a slightly larger equilibrium internuclear distance than the 
lower one. We have earlier discussed the origin of a v’ progression. We 
may now mention that the vibrational lines in a progression, e.g. (0,0), 
(1,0), (2,0), etc., are not all observed to be of the same intensity. For 
example, in some spectra, the intensity increases to a maximum at a 
certain value of v' and then decreases, while in some others there may be 
only a few lines followed by a continuous band. Such intensity variations 
are readily explained in terms of the Franck-Condon principle. In essence, 
this principle states that the time required for an electronic transition to occur 
is so short compared to the time required for one cycle of vibration that the internu- 
clear distance of the vibrating molecule does not undergo appreciable change during 
the transition. This principle suggests that a transition occurs vertically 
on a potential energy diagram, since the values of r are the same in both 


Atomic Structure and. Chemical Bond 325 


a Ekinetic 

v —— 

c 

; | 
Eex 


00 1,0 20 3040 rontinu Conti uum 
cert 
(a) (b) TEN ag 


Fig. 10.41 Electronic transitions illustrating the Franck-Condon principle. (a) Indicated 
transition results in a band of maximum intensity. (6) Indicated transition produces 
continuous absorption. (¢) All transitions lead to continuous absorption and dissociation 
in the higher state. 


the initial and final states. Let us consider that the molecule is initially 
in the ground electronic state (¢”,) and that vibrationally it is in the 
v” = 0 state. As mentioned above, the most probable internuclear dist- 
ance in the lowest vibrational state is the equilibrium distance (r,), which 
corresponds to the minimum of the potential energy curve. In the illus- 
tration of Fig. 10.41 (a); the most probable transition is that indicated by 
the vertical line from the point corresponding to r =r, on the v” = 0 
level to the upper vibrational level v’ = 2, where it meets the potential 
energy curve. Thus the strongest spectral line in this case is the (2,0) 
line. However, it is. seen from Fig. 10.40 that there is some, although 
small, probability of the molecule being found with an internuclear 
separation greater or smaller than the equilibrium value. So, there is 
some chance of the transition starting from near the ends of the v” = 0 
level and ending in the v’ = 0, 1, 3,..., levels. In view of the shape of the 
distribution curve for the v = to Tevel (Fig. 10.40) we would expect an 
intensity variation among these lines as shown at the foot of Fig, 


10.41 (a). 
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In the situation represented in Fig. 10.41(6), the bond in upper elec- 
tronic state is considerably weaker than in the ground state as evidenced 
by the considerably larger equilibrium separation and the smaller cur- 
vatuře and depth of the potential energy curve in the upper state. We 
now find that the most probable transition occurs to a state where the 
excited molecule has an energy higher than that corresponding to the 
asymptote. From: such states the molecule will dissociate without any 
vibrations into a normal atom and an excited atom, with an energy excess 
above that needed for dissociation appearing as the kinetic energy of 
the separated atoms. Since the atoms formed by dissociation can take 
up any value of kinetic energy, the transitions to such states are not 
quantized and a continuous absorption band results. The spectrum in 
the case of Fig. 10.41(4). will, therefore, consist of a series of lines (pro- 
duced by quantized transitions) of increasing intensity in the direction 
of shorter wavelength (or higher frequency) suddenly terminating in a 
continuum (non-quantized transitions), which represents dissociation. 

The lower frequency limit of the continuum clearly represents absorp- 
tion of energy just sufficient to cause dissociation and no more, $O that 
dissociation products depart with virtually zero kinetic energy- We may 
therefore write. 

he (continuum limit) im D" S Ex ergs (10.73) 
where D", as shown in Fig. 10.40(6), is the dissociation energy of the 
normal molecule and Esx is the excitation energy of one of the atoms pro- 
duced by dissociation; D'o in Fig. 10.41(b) represents the dissociation 
energy of the excited molecule. It should be noted that both D”, and 
D’, are reckoned from the v = 0 state. Knowing either of the two quanti- 
ties D”, and E,, we can deduce the other from Eq. (10.73). 

Fig. 10.41(c) illustrates a case in which the excited state has no stabi- 
lity with respect to dissociation products, as shown by the upper curve 
having no minimum. In this case every transition leads to dissociation 
and so only continuous absorption can be observed. 


10.10.3 Rotational Fine Structure of Electronic Spectra 
We have so far described the vibrational coarse structure of the elec- 
tronic spectrum as consisting of one or more series, or progressions, © 
convergent “lines”. Normally, under low resolution, each of these 
vibrational “lines” appears broad and diffuse. If, however, the resolution 
is sufficiently good, each such “line”? can be observed as a set of closely 
spaced lines. This is the rotational fine structure and is caused by rota- 
tional vransitions accompanying electronic-vibrational transitions: 
Taking into account the ‘rotational changes, we write for the total 
energy (excluding kinetic energy of translation) of the molecule, [cf 
Eq. (10.1)]: 
& = E + & + & 
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From Eq. (10.10) we can write immediately 

E: = Ee + & + Bhs (J + 1) ergs 
Changes in the total energy of a molecule may then be written as 

& = (8'e—8"e) + (Ev — Gy") + 

{hB' J” (J' +1) — hB" J” (J” + 1)} ergs (10.74) 
where B’, J’ refer to the upper electronic state g', and B”, J” to the 
lower state &”¢. 

We have already seen that equilibrium internuclear distances (and 
hence moments of inertia) in the lower and upper electronic states may 
differ considerably [see, for example, Fig. 10.41(5)]. Since the value of 
B depends on the equilibrium moment of inertia [Eq. (10.11)], it is 
clear that B’ and B” will differ. If, as is often the case, the bond in the 
upper state is longer, then BY is smaller than B”. ; 

If we ignore the rotational changes, Eq. (10.74) reduces to Eq. (10.7 1), 
representing electronic-vibrational transitions, e.g. (0,0), (1,0) etc., 
considered previously under vibrational coarse structure. Representing 
the frequency of any such transition by vv), Eq. (10.74) can be 
written: 

Ag, = hyp) + AB'S' J’ + 1) —hB" J” (J" + 1) (10.75) 

The selection rule for 7 depends on the type of electronic transition. 
Thus for transitions where both the upper and lower states have no elec- 
tronic angular momentum about the internuclear axis, the selection rule 
is AJ = + 1 only; so for these transitions P and R branches only will 
occur. For all other transitions, the selection rule is AJ = 0 or +1, 
so Q branches will appear in addition to P and R branches. There is, 
however, an added restriction that there cannot be a transition from 
one J = 0 state to another J = 0 state. 

We now have three cases: 

(i) AJ=+1, ie. J’ = J" +1 (R branch lines) 

Combining with Eq. (10.75) we obtain 

Agi 2 ive) + MB’ + BY (I +1) +8 BB) I + Megs 

where. J = Oyel),,25 tices (10.76) 

(ü) AJ =—1, ie. J! =J" —1 (P branch lines), 

Ag, = hyi — h (B’ + B") J" +h (B'— B") (J")? ergs (10.77) 

where J" = 1, 2, 3, ..... i 

These two equations can be combined into the expression 
Ag, = hyo + 2 (B+ BY") m + h (B’ — B") m? ergs (10.78) 
m = + 1 + 2, peewee 

where m, replacing J” + lin Eq. (10.76) and J” in Eq. (10.77) has 

positive values for R branch lines (AJ = + 1) and negative values for 

P branch lines (AJ = — 1). Clearly m cannot be zero, since this would 

require J’ and J” to be — 1, which is impossible. 
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Expressing Eq. (10.78) in spectroscopic units, cm™, we obtain the 
frequencies of the P and R branch lines as: 
+ LA B’ ry) B” 
Ver = = = Voip") + (= + F )m +( 5 ) ms cm (10.79) 
BASSE EA AN Y 

Since m cannot be zero there will be no spectral line at vy). 
This frequency is referred to as the band origin. 
(wi) AJ =0, ie. J’ = J” (Q branch lines) 

From Eq. (10.75) we then obtain 
Ag, = hye) + h (BY — B") J” + h (BY — B") (J)? ergs (10.80) 
vale ae pgs ihe 

Note that here J” cannot be zero, because this would imply a 
transition from one J = 0 state to another J = 0 state, which, as 
stated before, is not allowed. 

The frequencies of the Q branch lines, from Eq. (10.80), are 
wi bd | fie alt B" B’ LE ete UA 
wQ = an = Vvo") + (- j" + ( 2 
where e.e =l, 2y BR 

Since J” cannot be zero, there will, again be no line at the band 
origin. 


) (J")?cm= (10.81) 


(A 


It is clear from Eqs. (10.79) and (10.81) that the spacing of the braach 
lines is not constant and that the variation of spacings in any branch 
depends on the magnitudes of B’ and B”. Thus, if B’ < B”, as is usually 
the case, we note that (i) the R branch appears on the Aigh-wavenumber 
side of the band origin Viv") and the line spacing. decreases with 
increasing m, with the result that the branch converges to a line, called the 
band head, and then doubles back on itself, (i) the P branch lines occur 
on the Jow-wavenumber side of the origin and the line spacing increases 
with increasing m, and (iii) the Q branch lines also lie on the low-wave- 
number side of the origin and their spacing increases with increasing 
J". The three branches are shown separately in Fig. 10.42, while the 
complete spectrum (band) will be a superposition of the three. We thus 
see that for B’ < B”, the band héad appears at the high frequency (violet) 
end of the spectrum and the band dies away (said to be degraded or shaded) 
towards the low frequency (red) end of the spectrum. Conversely, if 
B' > B”, i.e. when the internuclear distance in the upper electronic state 
is smaller than that in the lower state, the above situation will be re- 
versed. Thus, (i) the R branch, still occurring on the high-wavenumber 
side, will now diverge with increasing m, (2) the P branch will converge 
to a band head on the low-wavenumber side of the origin, and (iii) the 
Q branch lines will be on the high-wavenumber side of the origin and 
their spacing will increase with J”. The complete spectrum will thus 
show a band head at the low frequency (red) end of the spectrum and 
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Fig. 10.42 Rotational fine structure of an electronic-vibrational 
transition of wavenumber Y (y’, v) for a diatomic molecule, for 
which B’ is less than B”. The R, and Q, branches are shown sepa- 
rately in (a), (b) and (c), respectively. The superposition of (a), (b) 
and (c) gives the complete spectrum. (After C. N. BANWELL Funda- 
mentals of Molecular Spectroscopy, McGraw-Hill Book Co. Inc., New 
York, 1966) 


the band will be degraded towards the high frequency (violet) end of 
the spectrum. If, however, the upper and lower electronic states have 
the same internuclear distance, B' and B” will be equal; consequently, 
the spectrum will resemble a pure vibration-rotation spectrum (Section 
10.8) and no band heads will be observed. Therefore, simply by looking 
at the rotational fine structure of an elecronic spectrum one can say 
whether the internuclear distance increases or decreases as a result of the 
electronic transition. A close analysis of the band often yields accurate 
values for the internuclear distances in both the upper and lower elec- 
tronic states. 


10.10.4 Electronic Spectra of Polyatomic Molecules 
An important feature of the chemical bond is that it is fairly localized 
in nature, (see Section 6.9). We have thus seen in vibrational spectros- 


copy that the vibrational frequencies of particular atomic groupings such 
Q—H,c=0,C= G, etc., are fairly independent of the nature of the 
molecule. Therefore, we may, at least as an approximation, consider the 
electronic structure (and hence the spectrum) of each bond in isolation. 
The complete electronic spectrum of a molecule is then the sum of the 
spectra of its constituent bonds. The result is naturally very complex. 
‘The rotational fine structure is very difficult to resolve even in the 
spectra of relatively simple molecules in gas phase, although some 
vibrational structure may ‘be observed. In pure liquids, or in solution, 
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molecular rotation is hindered and all rotational structure is lost. Fre- 
quently, the vibrational structure is also lost due to blurring of the 
rotational structure. The electronic absorption band of a liquid is thus 
rather broad, with little or no fine structure. We are unable’in such a 
case to deduce the actual structure of the excited electronic state and we 
can only hope to understand something about the electronic change 
that takes place in the molecule. However, as we shall discuss shortly, 
this understanding itself is of considerable interest to us. 

The electronic absorption band, devoid of fine structure, is charac- 
terized by the wavelength at which the absorption is maximum (max 
quoted either in Angstrom units or in millimicrons) and by the molar 
extinction coefficient at this wavelength (&max): The latter is defined in 
terms of the Beer-Lambert law: 

I 


Emax = 7] logio F (10.82) 


where I, and I are the intensities of light of wavelength max, before and 
after passing through ¿cm of a solution containing ¢ moles per litre of the 
solute. Both Amax and Emax for a given solute vary somewhat with the 
solvent, so that it is necessary to specify the solvent in which these values 
are obtained. 

In organic molecules, three types of electrons may be distinguished: 
o electrons (i.e. electrons in o-bonding molecular orbitals), m electrons 
(i.e. electrons in © bonding MO), and non-bonding electrons (called 
nelectrons). The first two types were discussed in Section 6.4.. Many 
molecules contain electrons that play no part in bonding and are mainly 
located in atomic orbitals, such as those of oxygen, sulphur, nitrogen 
and halogens; these electrons are called non-bonding electrons. The 
absorption of radiation by organic molecules in visible and ultraviolet 
region involves the promotion of o-, T- OF n-electrons from the ground 
state (i.e. from bonding molecular orbitals or atomic orbitals) to higher- 
energy states, called antibonding orbitals (Section 6.4). The antibonding 
orbital corresponding to MO is called the o* (sigma star) orbital and 
that corresponding to m MO is called the =* (pi star) orbital. As the 
n electrons do not occupy MOs there are no antibonding orbitals asso- 
ciated with them. The relative energies of the bonding, non-bonding 
and antibonding orbitals in a simple molecule are indicated schemati- 
cally in Fig. 10.43, which also shows the types of transitions observed 
and the spectral regions of the corresponding absorption bands. The 
energy required for the s->o* transition is very high and so the absorp- 
tion band occurs at shorter wavelength, in the 125-135 my. region. (The 
range below 200 my is often called the vacuum ultraviolet region, be- 
cause the atmospheric oxygen absorbs so strongly in this region that the 
use of an evacuated spectrograph is a necessity.) The s>7* and n>o* 
transitions, however, appear at longer wavelengths, near the borderline 
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Fig. 10.43 Schematic energy levels and transitions 

in simple organic molecules. The regions of the 


electronic spectrum corresponding to the transitions 
are shown at the bottom of the diagram. 


of the near and far ultraviolet, while n> x* transitions occur at still longer 
wavelengths, coming well into the near ultraviolet and visible regions. 
Compounds in which all valence-shell electrons are involved in single 
o-bond formations, such as saturated hydrocarbons, can only undergo 
a—>o* transitions, and so do not absorb in the near ultraviolet region. 
(An exception, however, is cyclopropane, which shows Apex at about 
190 mu.) Hexanes, heptanes and octanes are thus useful as solvents in 
UV spectroscopic work. 

The insertion of groups containing n electrons, ¢.g. — OH, — Cl and 
— NH, groups, allows the possibility of n —> c* transitions, in addition 
to o->o* transitions. The n->o* transitions are of lower energy than 
o->o* transitions and usually give bands in the ordinary ultraviolet 
region. Some examples of n > o* transitions are: CH,OH, ayapour — 183 
my; CHCl, nex” = 173; muscCHgl, wes = 258 my; (CHg)sN, 
pvapour — 227 my.. 

Unsaturated hydrocarbons, i.e. hydrocarbons containing multiple 
bonds, exhibit both o->o* and a->n* bands. The t-> x* bands occur’ at 
180-190 my in the case of aliphatic compounds and at 200-210 my. in 
the case of simple aromatic compounds. Compounds containing un- 
saturated groups (A = B), eg. C= O, C = N also absorb in the region 
of 190 mp. due to the n—>7* transition, and, in addition, since the groups 
contain non-bonding electrons (e.g. on oxygen and nitrogen), the mole- 
cules also show absorptions at long wavelengths owing to n—>o* and 
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n->n* transitions. Examples of n->n® transitions are shown by acetone 
(ld = OO) a 279 mp; azomethane ( — N=N-—), acthancl 
— 338 my; nitrosobutane ( — NO), atg = 665 mp. We thus see that, 
in contrast to the x->7* transitions, the n->7* transitions are quite sensi- 
tive to the nature of the atoms which are multiply-bonded. This is, of 
course, reasonable since the n electrons are not involved in the bonding 
and they are controlled by the atom (O or N) to which they belong in 
the ground state. Different substituents on the A = B group also produce 
variations in the wavelength of the n> n* transition. Thus, considering 
the > C = O group alone, nox varies from 279 my. for acetone to 290 
my for cyclohexanone. Placement of a halogen, amino, hydroxyl, or 
alkoxyl group on the > C = O group produces a significant shift of the 
wavelength of the n->n* transition to shorter wavelengths. As a result, 
the absorption of simple carboxylic acids and their derivatives are often 
difficult to determine. For example, Amax for n->n* bands occur at 220 
my, in acetyl chloride and acetamide, at 208 my. in acetic acid, and at 
211 my in ethyl acetate. 

An isolated functional group that shows absorption of a characteristic 
nature in the ultraviolet or visible region, is called a chromophore. Some 
simple chromophoric groups and their absorption characteristics are 

- listed in Table 10.11. 
Table 10.11 Absorption Characteristics of some Simple 
Chromophoric Groups 


Sud say OE e e an i 
Chromophore Example dmax(mu) emax Solvent* 


E E N e RS 
>C=0< Ethylene 171 15,530 Vapour 
>C=0 Acetone 189 900 Hexane 

279 15 Hexane 
—CO,H Acetic Acid 208 32 Ethanol 
—CO,R Ethyl acetate 211 57 Ethanol 
—cocl Acetyl chloride 220 100 Hexane 
—CONH, Acetamide 178 9,500 Hexane 

220 63 Water 
—NO , Nitrosobutane 300 100 Ether 

665 20 Ether 
—NO, Nitromethane 201 5,000 Methanol 

274 17 Methanol 
—N=N— Azomethane 338 4 Ethanol 
=N; Diazoacetic 249 10,050 Ethanol 

ester 
378 16 Ethanol 


OPERETE Se Ue a nei ese SE E 

*Saturated hydrocarbons and compounds containing 
alcohol groups and ether groups are transparent, i.e. they 
show no absorption in the accessible region of the spectrum 
(A>200 my). 


The magnitude of ¢,,,. for a particular absorption is directly propor- 
tional to the probability of the corresponding electronic transition. Thus 
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a large extinction coefficient indicates that the transition is more prob- 
able. 

Groups that do not in themselves show characteristic absorption in 
the accessible region of the spectrum (a > 200 my) but which, when 
attached to a chromophore, increase the intensity of its absorption and 
usually causes Anax tO increase, are called auxochromes. Common examples 
of such groups are —OH, _SH, —NH, and —Br. All of them contain 
non-bonding electrons; transitions involving these electrons produce the 
auxochromic effects. 

When a molecule contains several functional groups, separated by 
two or more single bonds, so that their electronic distributions are not 
affected by each other, the absorption spectrum is very largely the sum 
of the absorption bands of the individual functional groups. When, 
however, two or more functional groups are conjugated (that is, separated 
by only one single bond) in the molecule, Anax shifts to longer wave- 
length and Emax increases. The effect of conjugation of carbon-carbon 
double bonds is clearly revealed by the approximate data for x>7* 
transitions given in Table 10.12. 


Table 10.12 Ultraviolet Absorptions of some 
r Conjugated Polyenés 


Amax (my) Emax 


—c=Cc—Cc=C— 217 21,000 
—c=Cc—C=C—C=C— 258 35,000 
—c=c—G=Cc—c=C—_C=C— 310 77,000 


As the number of alternating single and double bonds increases, the 
high intensity n->n* absorption band generally moves to longer and 
longer wavelength, and by the time there are about ten double bonds, 
with alternating single bonds, the absorption moves into the visible 
region, so that the compounds appear coloured. (The observed colour is, 
of course, complementary to the absorbed colour.) Thus lutein, which 
gives egg yolk its yellow colour, is a compound with nine alternating 
single and double bonds, and the compound carotene which is respon- 
sible for the characteristic colour of carrots, has eleven double bonds in 
conjugation. 

When chromophoric groups containing non-bonding- electrons are 
conjugated, both the n>n* and n>7x* bands. increase in wavelength 
and intensity. As a simple example, approximate data for some oxygen- 
containing molecules are collected in Table 10.13. Since p-benzoquinone 
absorbs at about 435 my. (that is, in the blue region), in ordinary reflec- 
ted light it appears yellow to the eye. 

Many metal ions form coloured coordinated ions. The colours, which 
evidently arise from absorptions of radiation in the visible spectral region, 
are often attributed to electronic changes in the metal ions..The absorp- 
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Table 10.13 Ultraviolet Absorptions of some 
Oxygen-containing Molecules 


ae en E E 


Amax (mu) 

n> nt n> n* 

(strong) (weak) 
—C=0 180 280 
-c=c--C=0 220 320 
_c=c—C=Cc—C=0 270 350 
0=<=>=0 245 435 


(p-benzoquinone) 


tion of visible radiation by complex ions depends on two conditions, 
namely that the metal ion must have one or more d electrons but not the 
full complement of ten, and that the metal ion must be surrounded by 
ligands or electron-repelling groups, located at certain positions so as 
to change the energies of some d orbitals relative to other d orbitals 
(crystal field splitting, see Section 6.11). Thus a d electron in the lower 
energy level can absorb a quantum of radiation of such frequency that 
it is raised to a higher-energy level (see Fig. 6.34). The two requirements 
are fulfilled in transition metal complex ions, which we also know to 
have a pronounced tendency to be coloured. By contrast, metal ions 
which have no d electrons at all or have a complete complement of ten 
d electrons (as for example, Mg*® and Zn*2 ions), do not tend to give 
coloured solutions. 

Ultraviolet absorption spectra ‘do not yield as much detailed infor- 
mation as infrared spectra. Moreover, many saturated compounds 
absorb very little in the accessible region of the ultraviolet spectrum, 
whereas all molecules with the exception of homonuclear diatomic 
molecules absorb in the infrared region. Ultraviolet spectroscopy is, 
however, very useful in deriving structural information when used in 
conjunction with other evidence. 


10.11 Nuclear Magnetic Resonance Spectroscopy 


Earlier we had occasions to refer to the magnetic effects connected with 
the properties of electrons (Section 3.3). In this section we consider the 
important consequences of the fact that many atomic nuclei possess a 
mechanical spin, or angular momentum. ; 

The spin angular momentum of a nucleus (fa) depends on the nuclear 
spin, or spin quantum number, J, in the same way that the orbital 
angular momentum of an electron depends on the quantum number / 
(Section 5.4) and the rotational angular momentum of a molecule 
depends on the rotational quantum number J [Eq. (10.9)]- Thus the 
quantum mechanical expression for Pr is 
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bn = Ayia +1) (10.83) 


The simplest nucleus is the proton. Its mass (1-66 x 10-* g) is the 
unit of atomic mass (AMU) and its charge (+ 4:80 x 107% esu), which 
is the unit of atomic charge, is equal in magnitude but opposite in sign 
to the electronic charge. The spin of the proton is also 1/2. 

Besides the proton, another particle which is a constituent of all nuclei 
(except, of course, the hydrogen nucleus) is the neutron. It is a neutral 
particle having a mass equal to that of the proton (i.e. unit atomic mass) 
and also a spin of 1/2. 

A nucleus which is composed of Z number of protons and n number of 
neutrons has a total mass of (Z + n) AMU (ignoring a small mass defect 
associated with nuclear binding energy) and a total charge of + £. 
The total spin value of this nucleus will be a vector combination of 
(Z + n) spins, each of magnitude 1/2. Unfortunately, the theory of 
nuclear structure has not advanced to such a point that the spin of a 
particular nucleus can be predicted from values of nuclear charge and 
mass. However, from rationalization of observed spins some empirical 
rules have been formulated. Thus, (i) nuclei with even numbers for the 
values of both nuclear charge (i.e. Z) and mass (Z + n) have zero spin, 
ie. I = 0; (ii) nuclei with odd charge and even mass (hence both < 
and n odd) have integral spin, i.e. I is an integer; and (iii) nuclei with 
odd mass have half-integral spins, i.e. J is an integer times 1/2. For 
example, the spin quantum numbers of a few common nuclei are as 
follows: 

Nucleus’ 3H 2D 1B VC uN mọ »F 3P s Cl 
I Dei Meo 0 1 0 1/2 1/2 0 3/2 


(The prefix to the nuclear symbol specifies the nuclear mass, e.g. 1°C 
indicates the nucleus of carbon with mass 12.) 

A charged particle spinning about an axis is equivalent to a circular 
electric current, which, in turn, gives rise to a magnetic field. A spinning 
nucleus thus behaves as a tiny bar magnet whose axis is coincident with 
the axis of spin. If we take for the simplest nucleus, the proton, a classical 
model of a rotating spherical shell of charge q and mass mp with angular 
momentum fr, the value of the magnetic moment (i.e. the strength of the 
nuclear dipole) can be shown to be 


ge 10.84 
(a Limp. Pr ( ) 


where c is the velocity of light.. 3 
However, the simple rotating shell model for a proton is not adequate 
and it becomes necessary to modify Eq. (10.84) by inclusion of a numerical 
factor. This factor, which is represented by g, and called the nuclear 
splitting factor, or simply the nuclear g value, may not be calculated 
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theoretically and must be determined from experimental data for each 
type of nucleus. Introducing this factor and replacing bn in Eq. (10.84) 
by its value from Eq. (10.83), the expression for the nuclear magnetic 
moment becomes 


py C 1 
He Ayra +1) (10.85) 


= gB VI (I + 1) (10.86) 


where By = gh/4nmpc = 5:05 x 10-24 erg. gauss~! is the unit of nuclear 
magnetic moment, called the nuclear magneton. 

Since nuclei with even values of nuclear charge and mass, e.g. UC and 
160, have J = 0, their magnetic moment (u), from Eq. (10.85), is also 
zero. There are however many other useful nuclei having J #0 and 
hence p # 0. Among them the proton with J = 1/2 is outstanding. 
Since neither 12C nor 16O is magnetic, it is necessary to consider only 
the protons in many organic compounds. 


0.11.1 Interaction Between Nuclear Spin and Magnetic Field 
The potential energy of a nuclear dipole in a magnetic field is given by 
an equation which is completely analogous to the equation for the poten- 
tial energy of an electrical dipole in an electric field. Thus the potential 
energy of a nucleus of magnetic moment y in a magnetic field of strength 
H is 

Un = — Hy. cos 0 (10.87) 
where 0 is the angle between the magnetic moment vector and the direc- 
tion of the magnetic field. 

According to quantum mechanics, the angle 0 is not a continuous vari- 
able but can have only certain discrete values; in other words, in an 
applied magnetic field, the spin angular momentum vector for a nucleus 
cannot point in any arbitrary direction, but can have only a discrete set 
of orientations. This is the result of a phenomenon, known as space 
quantization, (c.f. Section 3.3). The angular momentum vector can point 
only such that its components along the direction of the magnetic field 
are given by m;(h/2=), where the quantum number m, can have any of 
the values I, [—1,..., — (1—1), —J. The situation for a nucleus with 
I = 1 is shown in Fig. 10.44(a). The angular momentum of the nucleus 
[Eq. (10.83)] is ` 

ba = VLX 2 (h27) = V2 (h/2=) 

Since J = 1, the possible values of m, are 1, 0 and — 1. Thus, if we 
consider a semicircle with the above p, as the radius, it is plain that the 
vector arrow corresponding to p, can point so as to have components 


(pn cos 0) of magnitude h/27:, 0, or — h/27 in the direction of the magnetic 
fieid. The orientations of the angular momentum vector for I = 1/2 are 
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(a) (b) 
Fig. 10.44 (a) The three spin orientations allow- 
ed to a nucleus with I= 1 in a magnetic field 
H. The possible values of the component of the 
spin angular momentum in the direction of the 
magnetic field are h/2n, 0 and —hj2n. (b) Spin 
orientations for a nucleus with I = $. 


shown in Fig. 10.44(b). For a given value of J there are thus (27 + 1) 
different values of m, and hence (2I + 1) different values of 0. Corres- 
ponding to each value of 0 there is a component of the nuclear magnetic 
moment, p cos 0, in the direction of the applied field. From Eq. (10.86) 
we have 

pcos 8 = £Bn VI (I + 1) cos 0 

Since VI (I+ 1) cos® equals m, we can represent the (22 + 1) 
values of pcos 0 by ! 


Um = Z Bn Mr 
and the (27 + 1) different energy levels by 
Un = — Herm — (10.88) 
The selection rule for transitions between these energy levels is 
Am, = +1. 


Thus the separation between neighbouring energy levels (where m, 
differs by unity) is 

AU, = | Heba | (10.89) 
where the modulus sign, |. . .|, indicates that positive energy differences 
only should be considered. 

In Eq. (10.89) we have the basis for a spectroscopic technique. Thus, 
if a transition as given by Eq. (10.89) can be carried out, the frequency 
of the radiation absorbed or emitted in the process will be given by 

us | H| cycles/sec , (10.90) 


EREE 
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We thus see that unlike rotational, vibrational and electronic transi- 


tions, discussed earlier, which occur in the absence of external fields, 
transitions between nuclear magnetic energy levels can occur only in the 
presence of an applied magnetic field. The 
such a transition, it is seen from Eq. (10.90), depends on the strength of 


the applied field. Moreover, such a transition 


ferquency associated with 


, in contrast to rotational, 


vibrational and electronic transitions, cannot be observed by simply 


sending through the sample electromagnetic radiation of frequency 
(10.90). The question of how to effect transitions between 
the nuclear magnetic energy levels is discussed later. 


given by Eq. 


The study of transitions 


between nuclear magnetic energy levels forms 


the subject of nuclear magnetic resonance (NMR) spectroscopy- Since 


the transition frequency 


the field, we 


, as shown above, depends on the strength of 


can, in principle, arrange to obtain spin spectra in any 


region of the electromagnetic spectrum of our 
appropriate field. For practical reasons, however, the fields normally 


used are of the order of 15,000 gauss. 


choice, simply by using an 


In our subsequent discussion of 


NMR spectroscopy; for simplicity we shall confine our attention to the 
proton as the representative nucleus. 
calculate the approximate frequency for nuclear magnetic 
transitions for protons. The value of the g factor derived from careful 
measurements is 5:585. We have already Bn 
Since I for proton is 1/2, m can be only + 1/2 
associated with the transition from the level with m; = + 1/2 to m = 
— 1/2 is then given by [Eq. (10.90)]: 3 
5:05 x 10-% x 5:585 

v= Ser x10” H= 426 x 10° H cycles/sec 
If we choose H = 15,000 gauss, v for protons is 64 meg? cycles per second 
falls in the short-wave radio frequency range of the electro- 
magnetic spectrum. Compared to protons, 


Let us now 


_ (Mc/s) which 


tritium) have 


smaller g values, so their spectra 


= 5-05 x 10-*4 erg/gauss- 
and — 1/2. The frequency 


all other nuclei (except 
occur in lower frequencies 


falling between 10 and 60 Mc/s for the same field strength. 


‘10.11.2 Population of Energy Levels 
In a magnetic field, spin magnetic moments do not all occupy the lowest 


available energy state — a simple consequence of thermal motion and 


- the Boltzmann distribution. If nı and n, are the numbers of particles in 


the upper and lower magne 


the Boltzmann distribution law is 


Ny 


— e> AUnlkT 


tic energy levels, respectively, their ratio from 


(10.91) 


| 
where AU, is the energy difference between the two levels and & is the 
Boltzmann constant. Evidently, at all tem 


peratures above absolute 


zero, the upper level will be populated to some extent, although this 
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population will be insignificant when AU is large. In the case of nuclear 
spins, however, AU is extremely small, and so the upper level will be 
appreciably populated. Let us calculate this for protons. In a field of 
15,000 gauss, the energy difference between the two energy levels of the 
proton, calculated from Eq. (10.89), is 

AU, = 4:23 x 107" erg. 

At room temperature (T = 300°K), kT = 4:14 x 10-14. Since AU, /KT 
is very small compared to 1, we may approximate its exponential by 
1 — AU, |kT. Thus, for the case under consideration, Eq. (10.91) gives 


4-23 x 10 ie 

m1 TEER 1 — 1-02 x 10-5 = 0-9999898 

Since the transition from the lower to the upper level is associated 
with absorption of radiation and that from the upper to the lower level 
is associated with emission of radiation, net absorption will be recorded 
only if there is an excess of protons in the lower energy level. In the above 
example, we find that the excess of protons in the lower energy level is 
only about one in 105. It is this very small, but nevertheless finite, excess 
of protons in the lower energy state that gives rise to net absorption. 
Without this small excess there would be no, nuclear magnetic resonance. 

The smaller the value of n/n, the higher the net absorption and hence 
sensitivity. Since AU, « H, high field strengths are used to increase the 
sensitivity. However, the necessity that the field be homogeneous places 
an upper limit of 25,000 gauss on the fields that can be applied. The 
sensitivity can also be increased by making the measurements at low 
temperatures [see Eq. (10.91)]. 


10.11.3 Nuclear Resonance 

We have seen that the spin angular momentum vector for a nucleus can 
be oriented only so that its components are integral or half-integral 
in the direction of the applied field. Since the vector quantity is given 
by Eq.. (10.83), it is clear that, if J is integral or half-integral, the vector 
arrow can never be exactly in the direction of the filed. An example of this 
for an integral spin case and another for a half-integral spin case are 
shown in Figs. 10.44(a) and (b), respectively. Thus, since the magnetic 
moment vector always lies more or less across the field, it follows that it. 
will be under the influence of a force tending to align i in the field 
direction. 

Now, from a classical point of view, the behaviour of a spinning proton, 
which may be pictured as a tiny bar magnet rotating about its axis, is 
analogous to that of a gyroscope spinning ini-frictionless bearings. It is a 
known fact that when a force (torque) is applied to a spinning gyroscope, 
its axis does not tilt but merely precesses about the direction of the force. 
Similarly, a spinning proton, behaving as a magnetic gyroscope, will 
precess about the direction of the applied field (Fig. 10.45), keeping the 


340 Determination of Molecular Structure 


Fig. 10.45 A spinning proton, behaving a sa magnetic gyroscope, 


/ N \. recesses about the direction of the applied megnetic field H, with 
a constant angle @ 


angle © between its spinning axis and the field direction, constant. So 
long as this angle is constant, the potential energy of the proton in the 
field, given by Eq. (10.87), is also constant and no energy is absorbed 
from the field. 

In order to cause a change of the angle 8, a-second magnetic field is 
to be applied perpendicular to the main field. The secondary magnetic 
field must not be a stationary one, however, as otherwise its effect in 
one half-cycle of the precessional motion will be cancelled by the effect 
in the other half-cycle. To produce a net effect the secondary field must 
also rotate about the direction of the main field with a Frequency equal to 
that of the precessing proton. The secondary magnetic field can then 
interact with the precessing proton and energy can be exchanged; if the 
frequencies differ there will be no interaction. Thus, when the frequency 
of the rotating secondary field and the frequency of the precessing nucleus 
become equal, they are said to be in resonance, since in this condition 
transition from one nuclear spin state to another can readily occur, 
giving rise to absorption or emission of energy- 

The British physicist Larmor calculated the frequency of the precessional 
motion for an orbiting electron in a magnetic field. The expression for the 
precessional frequency (or Larmor frequency) of a spinning particle has 
the same form: 

_ magnetic moment 
~ angular moment 


_ pH 
= oy cyclesisec 


x H radians/sec 


Substituting for p and pr their expressions from Eqs, (10.86) and 
(10.83) respectively, we obtain 
pH S 


ites = cyclesjsec (10.92) 
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This equation is identical with Eq. (10.90). We thus see that the 
Larmor frequency is just the frequency separation between the nuclear 
magnetic energy levels. This shows that particle spins can interact with 
electromagnetic radiation. 

To sum up, what emerges from the above discussion is that, in order to 
produce nuclear magnetic resonance (‘ ‘absorption or emission of energy )), it 1s necessary 
to apply a secondary magnetic field rotating in a plane perpendicular to the direction 
of the main field with a frequency equal to the frequency of the precessional motion of 
the nucleus due to the main field [Eq. (10.92)]. 

A rotating magnetic field can be produced in a simple way by sending 
the output current of a radio-frequency crystal oscillator through a 
helical coil (solenoid) of wire. In NMR spectrometers, the sample under 
investigation is taken in a small glass tube placed between the pole faces 
of a dec electromagnet (Fig.10.46). The coil that transmits the radio- 


Sweep 
current 


Test tube 


Transmitter Coil 


Radio frequency 
transmitter 

(Typical frequency 
= 60 Mc/s) 


Fig. 10.46 Schematic representation of an NMR spectro- 
meter, 


frequency field is placed with its axis perpendicular to the direction of 
the main field produced by the electromagnet. The coil is made in two 
halves to allow the insertion of the sample holder. The electric current 
passing through the coil produces in it a magnetic field directed along its 
axis, and this field reverses its direction with the same frequency as the 
current. It is a general property of vectors that the resultant of two 
identical vectors rotating with the same frequency in opposite directions 
is equivalent to a vector having constant direction and periodic change of 
magnitude, which, in fact, represents an alternating motion. Thus the 
alternating magnetic field along the axis of the coil is equivalent to two 


342 Atomic Structure and Chemical Bond 


magnetic fields rotating with the same frequency but in opposite 
directions. Of these two rotating magnetic fields, the one whose direction 
of rotation is the same as the direction of the precessional motion of the 
nuclei will act as the secondary magnetic field. The other field rotating in 
the opposite direction can be ignored, since its average effect is zero. So to 
obtain a condition of resonance, the magnetic field at the proton and the 
frequency of the alternating current supplied to the coil from the 
oscillator must be such that Eq. (10.92) is satisfied. The nuclei can then 
absorb energy from the secondary field, if the system is not saturated. 
Coils located within the pole gap or wound about the poles of the 
magnet, allow a sweep to be made through the applied magnetic field to 
bring about the condition for resonance. 

When resonance absorption of energy takes place, it can be thought of 
as producing nuclei in the excited state, which will then tend to return to 
the lower level in order to approach the Boltzmann distribution ratio. 
The radiation emitted in this process is picked up by the receiver 
coil, which is a separate radio-frequency coil consisting of a few turns of 
wire wound tightly around the sample tube. The receiver coil is 
perpendicular to both the main magnetic field and the radio-frequency 
transmitter coil in order to minimize pickup from these fields. It is the 
sample that provides this coupling between the receiver and the 
transmitter. The signal from the receiver coil can be displayed on an 
oscilloscope or a recorder chart. 

Experimentally, the’ resonance condition may be obtained in two 
alternative ways. We might vary either the field strength of the 
electromagnet or the frequency of the oscillator, keeping the other fixed. 
Suppose we apply a fixed magnetic field and the Larmor frequency 
produced by it is, say, 60 Mc/sec; if the frequency of the oscillator is then 
varied over a range including 60 Mc/sec, resonance absorption will occur 
exactly at that frequency. On the other hand, we can fix the oscillator 
frequency at 60 Mc/sec and vary the applied field over a range until 
absorption occurs. The latter arrangement is simple and widely used in 
practice. Most NMR spectrometers in use today employ a fixed oscillator 
frequency of either 60 Mc/sec, 100 Mc/sec or 220 Mc/sec. 

‘As we saw before, under ordinary conditions there is a small but finite 
excess of nuclei in a lower energy state. If, during resonance, upward 
transitions take place at a rate which is greater than the rate of reverse 
transitions, the excess of nuclei originally in a lower state will diminish, 
and accordingly, the intensity of the absorption signal will diminish. 
When the populations in the two states become equal, no further 
absorption can take place and the system is said to be saturated. The 
initial excess of nuclei in the lower state can be re-established if the 
system loses its absorbed energy. The processes by which the excess 
energy is shared either with the surroundings or with the nuclei are called 
relaxation processes; the time required for a fraction 1/e = 0.37 of the 
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excess energy to be dissipated is the relaxation time. There are two kinds of 
relaxation processes: spin- lattice relaxation and spin-spin relaxation. 

The term lattice refers to the surroundings, i.e. the framework of atoms 
or molecules containing the precessing nuclei. Atoms vibrating in a solid 
and molecules moving in liquids and gases have a variety of small 
magnetic fields associated with them. Energy transitions can occur by the 
interaction of such fields with the precessing nuclei. Thus, a field may be 
so oriented in the lattice that it induces a transition in a particular 
precessing nucleus from a higher to a lower energy state, the energy lost 
by the nucleus being transferred to the lattice as added translational, 
vibrational or rotational energy. The relaxation time (Ty ) for spin-lattice 
relaxation (also referred to as longitudinal relaxation) varies greatly, being 
in general much shorter for non-viscous liquids; this difference is due to 
the fact that in nonviscous liquids there is greater freedom of molecular 
movement, and hence larger fluctuation of local magnetic fields, so that 
properly oriented magnetic fields, which may affect spin-lattice relaxa- 
tion, are present relatively more frequently. 

Spin-spin relaxation (also referred to as transverse relaxation ) occurs by 
the mutual exchange of spins between two nuclei precessing in close 
proximity. Using the symbol T2 for spin-spin relaxation time, for liquids 
usually Tg * 71, while for solids T2 < T1. 

The magnitude of relaxation times profoundly influences the width of 
NMR spectral lines. The width of a spectral line is inversely proportional 
to the lifetime (A t) of the excited state, i.e. the average time the system 
spends in the excited state. Thus sharp resonance lines are observed for 
relatively large A t, and broad lines are observed for small 4¢. This is 
best discussed in terms of the Heisenberg uncertainty principle, as given 
by Eq. (4.6). Dividing this equation by Å Al, we have 

AES Aves 1 / 
7 TIN c/sec (10.93) 

where AE is the uncertainty in the measurement of energy, or energy 
spread, of the excited state and Av is the corresponding frequency 
spread. If both Ti and 7» are large, the excited state has a large lifetime 
and Av is small. If, on the other hand, either T or 2 is small, the 
lifetime is short and Av is large. Relaxation times for most nonviscous 
liquids and solids in solution are of the order of one second: Ty = 72 = 
1 sec, so from Eq. (10.93) we find a frequency spread Av x 0.1 c/sec. For 
solids and highly viscous liquids To is shorter than 7j and of the order of 
10-4 sec. With this value, Eq. (10.93) gives Av ~102c/sec. So solids and 
very viscous liquids usually give spectra containing broad resonance lines, 
while for nonviscous liquids and gases sharp spectral lines can be 
obtained. Some liquids may, however, display broad resonance lines. In 
such cases, other factors which reduce spin-lattice relaxation times, such 
as the presence of paramagnetic molecules or ions in the sample, may 
play an important role. 
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10.11.4 Chemical Shift 

A very important characteristic of the NMR technique is that it can 
distinguish protons in different molecular environments. If the resonance 
frequencies for all protons in a molecule were the same, as given by Eq. 
(10.92), then NMR spectra would show only one peak for the compound, 
and as such would be of little use to the organic chemist. However, we 
must now consider the fact that the field strength represented in Eq. 
(10.92) is the field strength experienced by the protons in the sample, and 
is not the same as the strength of the applied magnetic field. Protons 
whether in hydrogen atoms or molecules, are surrounded by an electronic 
charge cloud, having approximately spherical symmetry. A magnetic 
field induces electronic circulations in the charge cloud in a plane 
perpendicular to the applied field and in such a direction as to produce a 
field opposing the applied field, as shown in Fig. 10.47. The induced field 
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Fig. 10.47 (a) Diamagnetic circulation of an electron about a nucleus produces a field opposing the 
applied field H. (b) Field of point magnetic dipole. 


is directly proportional to the applied field H and so can be represented 
by oH, where ø is a constant. The effective magnetic field experienced 
by the proton is therefore, i 

Hg =(H-0H)=H(1 -0 ) (10.94) 
We can thus say that the proton is shielded from the external field by 
diamagnetic electron circulation and ø represents the shielding con- 
stant. The extent of shielding of a proton depends on the electron density 
around it in a molecule. A molecule may contain protons in different 
chemical -nvironments. The average electron concentrations in these 
environments are different and so are the shielding effects on the protons. 
Consider, for example, the C-H and O-H bonds. Since oxygen is more 
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electronegative than carbon, the electron density around the CH proton 
(i.e. the proton in C-H bonds) should be considerably higher than that 
around the OH proton. We would thus expect that the shielding constant 
of the CH proton is greater than that of the OH proton. It then follows 
from Eq. (10.94) that, for a given applied field, the effective field at the 
OH proton is greater than that at the CH proton. Consequently, as the 
applied magnetic field is increased, the OH proton will come into 
resonance before the CH proton. The separation between the resonances 
(absorption peaks) for the same nucleus in different chemical environ- 
ments is known as the chemical shift. It is easy to see that the magnitude of 
the chemical shift will be proportional to the strength of the applied 
field. 

From chemical shifts we can know how many different types of protons 
there are in a molecule. Moreover, since the intensity of absorption at a 
given field strength will be proportional to the number of protons in a 
given environment in the molecule, the NMR spectrum can also tell us 
how many of each types of protons are present. These are the two im- 
portant facets of NMR spectroscopy that make it a qualitative and quan- 
titative analytical technique. As an illustration, we consider the NMR 
spectrum of ethanol obtained under low resolution [Fig. 10.48 (a)]. 
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Fig. 10.48 Representation of NMR spectrum of ethanol (a) under 
low resolution and (b) under high resolution. 


The spectrum shows three absorption peaks of intensity (area) 
ratio 1:2:3. The smallest peak is assigned to the single proton in the OH 
group, the next peak to the two protons in the CH, group and the largest 
peak to the three protons in the CH3 group. That the absorption peak for 
the OH proton occurs at the lowest value of the applied field accords 
with the fact the OH bond is polar with the bonding electrons being on 
the average closer to the oxygen atom, and as a result the OH proton is 
relatively bare and unshielded from the applied field. The C-H bond 
being almost nonpolar, the bonding electrons in the CH, group are 
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nearly equally distributed between the carbon atom and the three 
protons. The CH3 protons are thus well shielded and a larger applied 
field is required to bring them into resonance. The CH» peak occurs in 
between OH and CH3 peaks, because the electron withdrawal by the 
oxygen of the OH group also has some effect on the electron distribution 
in the adjacent CH2 group that reduces the degree of shielding for the 
CH% protons. It is interesting to note that dimethyl ether, CH, OCH:, 
which is an isomer of ethanol, has six equivalent protons and accordingly 
the spectrum shows a single absorption peak. 

Chemical shifts are very small compared to the strength of the applied 
field; their magnitude is a few milligauss at a field strength of about 
10,000 gauss. Moreover, since electronic shielding (¢ H) is directly 
proportional to the strength of the applied field, the chemical shift value 
also varies with the field strength. Therefore in NMR analysis, chemical 
shifts are usually expressed on a relative basis, in a form independent of 
field strength. For a proton in a given environment, the chemical shift is 
defined by 

ô= Za x 106 ppm (10.95) 

r 

where H, and H, are the applied field strengths at which resonance 
occurs in a given substance and a reference substance, respectively. The 
reference substance is dissolved in the same solution as the sample 
(internal reference) so that both experience the same magnetic field. The 
chemical shift parameter ô is dimensionless; the factor 106 is included to 
express it as parts per million(ppm). 

Chemical shifts of protons can also be expressed in terms of the 
number of cycles per second (cps) that they are displaced downfield from 
the reference substance.* This quantity will however depend on the 
oscillator frequency used by the spectrometer. In order to obtain the 
chemical shift as the dimensionless parameter, ô, the shift observed 
from the reference substance, in frequency units, is divided by the 
oscillator frequency used: 


Shift observed (cps) 


H x 10° 10.96) 
Oscillator frequency (cps) 2 ae 


We might note at this point that most NMR spectrometers can, 
distinguish lines 0.1 milligauss or 0.4c/sec apart, which at an applied field 
of 15,000 gauss or oscillator frequency of 60Mc/sec represents a resolving 
power of about 1 in 108; such precision is not achieved by any other 
spectroscopic technique. 


* If the spectrum is determined by variation of the field while the oscillator frequency is held 
constant, the differences actually measured are field differences in gauss; these are converted into 
frequency differences using the conversion: 

milligauss = 4.26 cps [calculated from Eq. (10.90)]. 
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The substance now almost universally selected as reference for proton 
resonances is tetramethyl silane, Si(CH3)4, or TMS in short. Its chief 
advantages are:(i) it gives a single sharp peak (since all twelve protons in 
it are equivalent); (ii) its resonance peak occurs at-an exceptionally high 
field, which is on the higher side of almost all other proton resonances in 
organic molecules, and (iii) it is chemically inert, magnetically isotropic 
and low boiling(b.p. 27°C), so that it can be readily recovered from most 
samples after use. 

Resonance positions are indicated on 6 -scale, or t scale. On the 
-scale [Eq. (10.95)], 5 is zero at the TMS and it increases downfield. On 
the t-scale, t is 10 at the resonance peak of TMS and decreases 
downfield, being related to ô by t = 10-6. The §-scale has the disadvan- 
tage that a large numerical value of 5 implies a low-field resonance and 
hence a small shielding of the nucleus from the applied field. In this 
respect, the t -scale is more convenient, a larger value of t implying a 


greater shielding of the nucleus. 
We know from tne above discussion that the degree of electronic 


shielding of a proton is dependent on the electron density around it; the 
higher the electron density, the higher the shielding and hence the higher 
the field and the t value at which the proton absorbs. As shown in the 
above illustration of ethyl alcohol, the electron concentration in the 
vicinity of the proton may differ as a result of differences in electro- 
negativity of the attached atom. Thus if we consider the absorptions of 
protons of CHa4(t = 9.77), CH3I (*=7.84), CH aBr (1 = 7.32), 
CH3Cl (t=6.95) and CH3F (t=5.74), we find the results are in line 
with the electronegativity differences among the halogens. Similarly, we 
can interpret the absorptions of methyl proton attached to saturated 
carbon (t =9.1), nitrogen (t=7.8), and oxygen (T =6.5) in terms of the 
relative electronegativities of the attached atoms 

It should be noted that the local diamagnetic effect discussed above is 
not the only shielding mechanism operating on the proton. Thus if local 
diamagnetic currents only were responsible for shielding, the proton qt 
value would decrease with increasing electronegativity of the group to 
which the proton is attached, and one would therefore expect that the t 
values for ethane, ethylene, and acetylene would decrease in that order. 
Experimentally, however, one finds that *(CH3.CH;) >t (CH= CH) 

>t (CH, =CH,).* In order to explain this observed sequence, we must 
consider, in addition to local diamagnetic effects, another sort of effect 
coming from the neighbouring atom or from the rest of the molecule. 
This latter effect may be either diamagnetic (i.e. opposing the outer 
field H) or paramagnetic (i.e. supporting the outer field H). Though 
the field produced by the diamagnetic circulation of an 
electron about a nucleus (Fig. 10.47) opposes the applied field 
at that nucleus, it may however act paramagnetically, i.e. support 
* The ¢ values are 9.04, 7.12 and 4.16 respectively. 
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the applied field at an adjacent or neighbouring proton. Similarly, 
the paramagnetic circulation of electrons, which supports the 
external field locally (Fig. 10.49), may however act diamagnetically 
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Fig. 10.49 Paramagnetic circulation of an electron 
H about a nucleus produces a field supporting the applied 
field H. 


at a neighbouring proton location. The diamagnetic effect on a proton 
reduces the effective magnetic field on the proton, and conse- 
quently, increases the shielding. The paramagnetic effect, on the other 
hand, causes deshielding, i.e. reduces the shielding. If the symmetry axis of 
the charge distribution around a nucleus coincides with the direction of the external 
field (which is, however, not possible all the time because of thermal 
motion) only diamagnetic currents occur. In all other cases, both 
diamagnetic and paramagnetic currents contribute. It should be noted 
that the charge distribution surrounding protons has approximately 
spherical symmetry irrespective of the presence of magnetic field or 
chemical bonding; so, even if a molecule, of which the proton is a part, 
changes its orientation with respect to the applied field direction due to 
incessant rotation and vibration, mainly diamagnetic currents will flow around 
the proton because of the almost axial symmetry of the charge cloud with 
respect to the field direction. j 

The electron circulations around the carbon atoms and. protons in 
ethane, ethylene and acetylene when the molecule is oriented with the 
C—C axis either parallel or perpendicular to the field direction are 
shown in Fig. 10.50. 

When ethane is oriented with its C—C axis parallel to the field 
direction [Fig. 10.50 (a)], mainly diamagnetic currents flow around 
carbon. However, these diamagnetic currents exert a weak paramagnetic 
effect on the protons since the C—H bonds are nearly perpendicular to 
the field direction. For the orientation.as shown in Fig. 10.50 (b), in 
which the C—C bond is perpendicular to the field direction, paramagne- 
tic currents flow around carbon, producing a weakly paramagnetic effect 
on the protons. These paramagnetic effects from the adjacent carbon 
reduce the shielding of the protons by their own diamagnetic currents. 

Proceeding to the unsaturated molecule ethylene, we see that para- 
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Fig. 10.50 The electron circulations around carbon 
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magnetic currents around its carbon exert a diamagnetic effect on the 
protons for certain orientations of the molecule [Fig. 10.50 (c)] and a 
paramagnetic effect for other positions [Fig. 10.50 (d)]. Thus ethylenic 
protons are, on the whole, better shielded by magnetic effects from 
‘carbon than the protons of ethane. But since they are probably shielded 
less by their own diamagnetic currents than are the protons of ethane, 
because of the greater polarity of the C—H bond in ethylene, the final 
result becomes t(CH3—CH3) > *(CH2=CHp). 

For the linear molecule, acetylene, the diamagnetic currents flowing 
around carbon, when the C=C bond is parallel to the field direction 
[Fig. 10.50 (e)] exert a diamagnetic effect on the adjoining proton. 
When the C = C direction is perpendicular to the field direction 
[Fig. 10.50 (f)] paramagnetic currents flow around carbon, but they act 
diamagnetically at the proton location. As a result, the protons of 
acetylene aré better shielded by the adjoining carbon atom than the 
protons of ethane and ethylene. However, because of the greater polarity 
of the C—H bond in acetylene (as shown by its acidic property), 
acetylenic protons are probably shielded less by their own diamagnetic 
currents than are the protons of ethane and ethylene, so that the final 
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result becomes t(CH3—CH3) > t(CH=CH) > t(CH2=CH)2). 
Diamagnetic electronic circulations exert a diamagnetic effect on a 
proton which is on, or close to (Fig. 10.47), the axis of circulating electrons 
(e.g. in the group—C=C—H), but exert a paramagnetic effect on the 
proton at right angles, or nearly at right angles, to the axis (e.g. in 
ethane). Thus both shielding and deshielding may arise from diamagne- 
tic circulation. In acetylene, the diamagnetic electron circulation within 
the cylindrical n electron cloud (see Fig. 6.23) induces shielding at the 
axial proton, whereas in benzene, the electron circulation, which is in 
the plane of the ring, causes deshielding at the protons lying in the plane 
(see Fig. 6.28); hence the relatively low value of t for aromatic protons, as 
shown in Table 10.14. It is seen that substitution of benzene shifts the + 


Table 10.14 Typical Chemical Shifts for Various Types of Protons 


ne 


Type 
Type of proton Shif of Shift 
ô T proton ô 

Protons on saturated carbons Other protons 
RCH3 0.9 9.1  RNH? 1.5 
RCH2 R 1.3 8.7 Cg Hs NH2 3.4 
R3 CH 15 8.5 
CH3 CN 1.97 8.03 RCHO 9.7 
CH3 COCH3 2.09 7.91 RCOOH 11.0-12.0 
CH3 CHO 2.15 7.85 ROH highly variable 
Cg H5 CH3 2.34 7.66 
CH3OR : 3.4 66 
RCH2 OR 3.7 6.3 
RCHọ CI 3.7 6.3 
RCH? OOCR 4.1 5.9 
CH3 NO9 4.28 5.72 
Protons on unsaturated carbons 
RC=CH 24 7.6 
Ry C =CHy 4.5-5.0 5.0-5.5 
R2 C = CHR 5.0-5.5 4.5-5.0 
Protons on arqmatic rings 

Ce H6 7.27 2.73 
* Cg H5 NO2 ` 8.22,7:43 7.60,1.78, 2.52, 2.40 
* Ce H5 NH2 6.52,7.07 6.65,3.49, 2.93, 3.35 


m EE 


* The three values given refer to ortho—, meta—, and para—protons, respectively. 
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value for the absorption of the aromatic protons. Electron-withdrawing 
groups (e.g.—NOb, —CO,H) lower thet value, while electron-donating 
groups (e.g.—OH, —NH2) raise the t value relative to benzene (2.731), 
because of the local diamagnetic shielding effect. 


10.11.5 Spin-spin Interaction 

In addition to the chemical shift in molecules containing nonequiva- 
lent nuclei, NMR spectra have another valuable feature, that is, the 
splitting of many of the lines in the spectrum into two or more 
components. This phenomenon, known as spin-spin splitting, can be 
observed only with spectrometers of high resolution. As an illustration, 
we consider the high-resolution spectrum of a common sample. of 
ethanol, represented in Fig. 10.48(b). By comparing it with Fig. 10.48(a) 
we see that methyl absorption is now split into a triplet with areas of the 
three components in the approximate ratios 1:2:1 and methylene 
absorption is split into a quartet, having relative areas, approximately, 
1:3:3:1. The spacing of component lines in spin-spin splitting (called the 
spin-spin coupling constant and denoted by the symbol /), in contrast to 
the chemical shift discussed above, is found to be independent of the 
applied field strength, which strongly suggests that the effect is intramole- 
cular. The splitting of a resonance absorption is attributed to the effect 
on the nuclei (responsible for this absorption) of other magnetic nuclei in 
the same molecule. For example, we can explain the splitting patterns of 
Fig. 10.48(b) by assuming that the magnetic field at the protons in a 
group is influenced by the spin arrangements of the protons in 
the adjacent group. The methyl group in the ethanol molecule is 
adjacent to a methylene group with its two equivalent protons. For the 
two protons, there are three possible combinations of spin orientations, as 
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two ways. If the effect of the instantaneous spin arrangements of the 
methylene protons can be transmitted to the protons of the methyl group, 
the magnetic field at the protons in the methyl group will have, on the 
average, three different values, and one of them will occur twice as often 
as either of the other two. The resonance absorption of the methyl 
protons would therefore be split into three peaks (a triplet) having 
relative areas of 1:2:1. 

For the three equivalent protons of the methyl group, there are four 
different values of total spin (Fig.10.52), which may affect the resonance 
of the protons of the methylene group, and moreover, two of the four 
values can be obtained in three different ways. The methylene proton 
resonance will therefore be split into four peaks having relative areas of 
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Fig. 10.52 Possible spin orientations of the protons of a methyl group. 


It should be noted that a hydroxyl proton is not immutably locked in 
any particular ethyl alcohol molecule; it is, in fact, exchanged among 
different ethyl alcohol molecules over a period of time. The rate of this 
chemical exchange (proton transfer) is relatively slow in pure ethyl alcohol, 
but is markedly increased by acidic or basic impurities that are 
ordinarily present. If the rate of chemical exchange is rapid, the hydroxyl 
proton experiences an averaged effect of the spin orientations of the 
methylene protons and its absorption peak therefore shows only a singlet 
[see Fig. 10.48 (b)]. Similarly, the hydroxyl proton also does not cause 
splitting of the methylene proton absorption, if there is rapid chemical 
exchange; the methylene proton absorption thus occurs as a quartet due 
to the effect of the methyl group alone. In a highly purified sample of 
ethanol, on the other hand, the rate of chemical exchange is very slow, $0 
the hydroxyl proton will experience the spin orientations of the 
methylene group; this will result in a triplet for the hydroxy! proton 
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absorption. For the same reason, the absorption of the methylene protons 
will be influenced by the spin of the hydroxyl proton, in addition to the 
spins of the methyl protons, with the result that the absorption peak will 
be split into more than four components. 

The multiplicity. of a given group of equivalent protons is clearly 
related to the number of protons on adjacent atoms. As a simple rule, the 
multiplicity of a given group is (n + 1), where n is the number of protons 
on adjacent atoms. In simple cases of interacting nuclei, the component 
peaks of a multiplet are symmetric about a midpoint and their relative 
areas are numerically proportional to the coefficients of the terms in the 
expansion (1 +r)" To illustrate, the following multiplicities will be 
predicted for the following compounds: n—propyl iodide 
(CH,CH)CH91):a 3-proton triplet (relative areas 1:2:1), a 2-proton 
sextet (1:5:10:10:5:1) and a 2-proton triplet (1:2:1); isopropyl iodide 
[((CH,)). CHI]: a 6-proton doublet (1:1) and a 1-proton septet 
(1:6:15:20:15:6:1); methy1 ethyl ether (CH, OCH, CH,):a 3-proton 
singlet, a 2-proton quartet (1 :3:3:1) and a 3-proton triplet (1 aul) a 

It should be noted that the aforesaid rule for determining the 
multiplicities of resonance absorptions hold only for simple cases in 
which the coupling constants of the interacting adjacent groups have 
nearly the same value and in which the separation of resonances of 
interacting groups is much larger than the coupling constant of the 
groups. In the case of pure ethyl alcohol, for example, the coupling 
constants differ considerably and one does not find a quintet (that would 
be predicted ‘by the simple multiplicity rule) for the CH, group in the 
high resolution spectrum. While the absorption for the CH, protons is 
split into a quartet by the methyl protons, each component of the 
quartet is again split into a doublet by the hydroxyl proton, so that 
(assuming the symmetry of the multiplets) in this case a CH, multiplet 
of eight peaks would be expected; this, in fact, agrees quite well with the 
experimental result. 

The most important application of NMR spectroscopy in organic 
chemistry is the analysis and identification of compounds containing 
hydrogen. The observation of proton chemical shifts in a spectrum 
indicates the types of hydrogen containing groups present in the 
molecule, while the relative areas of the absorptions give directly the 
proportions in which these groups occur. The multiplet structure of each 
group further reveals the number of protons coupled to that group and 
thus provides information about the way in which the different groups 
are linked together in the molecule. 


10.11.6 Nuclei Other Than Proton 
In the previous sections we have discussed NMR spectra of protons with 
spin . There are however other nuclei with spin 4 and these also will give 
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rise to NMR signals if an appropriate magnetic field and radio-frequency 
are applied. Nuclei, other than proton, with spin H include C, 19F, 
sly , 29Si, and various metals such as 17g, Sn, '9Pt, and “Pb. Of 
these the !3C nucleus, probably the most important for the general 
chemist, gives rise, however, to only extremely weak signals and 
satisfactory NMR spectra are not easy to obtain. All other nuclei exhibit 
the phenomena of chemical shift and spin-spin coupling which are 
generally considerably larger than their proton counterparts. This can he 
attributed to the greater number and mobility of extranuclear electrons 
producing greater diamagnetic shielding. 

Let us now consider nuclei with spin greater than 4. We have seen in 
Section 10.11.1 that in an applied magnetic field any nucleus with spin 7 
can have 2/ + 1 possible orientations (see Fig.10.44), each associated with 
a slightly different energy level. The spacings between the energy levels, 
in a given field, being all identical, any spinning nucleus will, in 
principle, give rise to a single resonance line when the condition of 
resonance is satisfied. In practice, however , nuclei with spin greater than 
4 are not much used in themselves, since their resonance absorptions are 
intrinsically very weak and not easy to observe. We should, however, 
consider the effect of such nuclei on the NMR spectra of neighbouring 
protons, arising from spinsspin coupling. Of wide occurrence are `N 
(spin I = 1), C1(1=3/2). *!Br (I = 3/2) and WH] = 5/2). 

Consider, as an example, the group N—H. Since the spin of the 
nitrogen nucleus (14N), with J=1, can:have..three orientations in an 
applied field (Fig. 10.44a), the direct coupling of nitrogen and proton 
spins will split the proton resonance into a triplet, and moreover, since the 
three spin orientations of nitrogen are equally likely, each line of the 
uiplet will have the same intensity. In general, a nucleus with spin J and 
hence 17+ 1 spin orientations of equal probability, in an applied field 
will be expected to split the resonance of a neighbour into a multiplet of 
2/+1 lines with equal intensity. Thus a single chlorine nucleus (J = 3/2) 
would tend to produce quartet structures for its neighbours while a single 
iodine nucleus (J = 5/2) would produce sextets. In practice, however, 
these splittings are not observed due to rapid transitions between spin 
states caused by quadrupole relaxation (see below). - 


Quadrupole effects All nuclei with spin 7 > 1/2 possess, in addition 
to the magnetic moment, an electric quadrupole moment which arises 
because of non-sphericity of the nuclei. Such nuclei are shaped either like 
a symmetrical egg (elongated poles) or a tangerine (flattened poles) and 
thus have a charge distribution which is non-spherical. The electric 
quadrupole moment, which is a measure of this departure from sphericity is 
positive for egg-shaped and negative for tangerine-shaped, and is zero for 
spherical (i.e. with spin 1/2 or 0) nuclei. 

The electric quadrupole moment interacts with a surrounding electric 
field and, if such a field has a pronounced gradient at the nucleus, the 
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quadrupole electric moment of the nucleus will tend’ to lie in the field 
direction. (An electric field gradient may arise from electron charge 
distribution in a molecule or from ions and dipoles, as in a solid.) The 
coupling between the quadrupole moment and the field gradient may be 
so strong as to prevent the coherent alignment of the spin magnetic 
moment of the nucleus in an applied magnetic field. The quadrupole 
moment thus provides a mechanism by which the nuclear spin orienta- 
tion may be relaxed. This mechanism is called quadrupole relaxation. 

The efficiency of quadrupole relaxation depends on the symmetry of 
the surroundings. Thus, since univalent atoms, suck as halogens, will 
always be situated in a field gradient of a single bond, they will 
experience efficient relaxation. On the other hand, the relaxation of 
polyvalent atoms will vary from molecule to molecule. For example, the 
quadrupole relaxation of nitrogen is very efficient in ammonia, a 
pyramidal molecule, in which the three positively charged hydrogen 
nuclei on one side of the nitrogen produce a strong electric field gradient 
at the nitrogen nucleus; the relaxation is however very weak in the 
ammonium ion NH}j , which consists of a nitrogen nucleus at the centre 
of a regular tetrahedron of nuclei and thus has no field gradient at the 
nitrogen nucleus. 

Quadrupole relaxation has two effects in NMR spectroscopy: (a) 
broadening of the NMR signal from a nucleus possessing a quadrupole 
moment; (b) destroying, partially or completely, coherent coupling 
between nuclei with corresponding effects on sharpness and multiplicity 
of resonances. As we have seen earlier ( Section 10.11.3), the width of a 
spectral line is inversely proportional to the lifetime (At) of the excited 
state. When there is quadrupole relaxation, At of a spin state may be 
very short, of the order of 10-4 sec or less, and accordingly from Eq. 
(10.93) we have a frequency spread Av & 103 cycles/sec. The 
resonance line of a nucleus with quadrupole relaxation may thus be 
gxtremely broad and even be difficult to detect. Quadrupole relaxation, 
as we have seen above, tends to destroy coherent coupling between 
nuclei. If the relaxation is highly efficient, for example, in halogen 
nuclei, the coupling is completely destroyed and the resonances of 
neighbouring nuclei therefore remain sharp. If, on the other hand, the 
relaxation is less efficient, as in many nitrogen containing molecules, the 
coupling is only partially destroyed, thus permitting multiplets but broad 
resonances from neighbouring nuclei. The most commonly occurring 
quadrupolar nucleus in routine NMR spectroscopy is 14N and its effect is 
usually to broaden the resonance lines of neighbouring nuclei. 

Since any quadrupolar nucleus contained in a well-ordered single 
crystal of a solid substance experiences exactly identical surroundings as 
similar nuclei in other regions of the lattice, all the quadrupole moments 
will tend to lie in the same direction. Thus even in the absence of an 
external magnetic field these nuclei can absorb energy from a suitable 
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radio-frequency field to undergo transition between energy levels. This 
resonance phenomenon, which occurs in the frequency range 1-1000 
Mc/sec, is known as the nuclear quadrupole resonance (NQR) or pure 
quadrupole resonance to emphasize the fact that an external magnetic field is 
not applied. NQR spectroscopy essentially employs the quadrupolar 
nucleus as a probe to measure electric field gradients in the crystal. Such 
data are invaluable in applications of crystal field theory. Quadrupolar 
nuclei that have been tried include 4N (J=1), C1, 37Q] ([=3/2), 
Br, 81Br(1=3/2), and !271(I =5/2). NQR frequencies of Cl in covalent 
bonds are around 30 Mc/see, whereas Br and IJ have higher frequencies. 
Only solids can be studied for NQR spectroscopy, and samples may be in 
the form of single crystals or crystalline powder. 


10.12 Electron Spin Resonance Spectroscopy 


Electron spin resonance (ESR) spectroscopy, also called electron paramagnetic 
resonance (EPR) spectroscopy, provides a powerful tool for the study of 
chemical species with unpaired electrons. These chemical species may be 
atoms, ions, molecules, or molecular fragments having an odd number of 
electrons. An electron possesses a spin and, associated with the spin, there 
is a magnetic moment. The presence of an unpaired electron in a 
chemical species thus allows energy levels (Zeeman levels) to be produced 
from the interaction of its spin magnetic moment with an applied 
magnetic field. Transitions can be induced between these levels in a 
manner similar to that in NMR spectroscopy. 


10.12.1 Splitting of Electron Energy Levels by a Magnetic Field 


The electron, like the proton, has a spin quantum number of 1/2 
associated with its spin, and in the presence of an applied magnetic field 
the spin angular momentum is quantized such that its component along“: 
the direction of the field can be either + 1/2 (h/2z) or —1/2 (h/2 x ) [cf. 
Fig. 10.44(b)]. In a magnetic field H, the electron dipole is thus 
subjected to a torque acting to make it either parallel or antiparallel to 
the direction of the magnetic field and precess about the magnetic field 
directions. with a frequency which is proportional to both the magnetic 
field and the electron magnetic moment, resembling the situation for 
protons in NMR spectroscopy (Section 10.11.3). 

Because an electron bound to an atom possesses, in addition to spin 
about its own axis, an orbital motion about the nucleus, the electron 
magnetic moment is better expressed in terms of the product gp, where 
Bis the Bohr magneton given by ¢h/4 xm-c and equals 9.2732 X 10. 


erg/gauss, and g is the spectroscopic splitting factor. (For a completely 
free electron, the value of g is 2.0023 but it differs significantly when 
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strong coupling occurs.) Thus for an electron the separation between 
neighbouring energy levels is (cf. Eq. 10.89): 
AE = £BH (10.97) 

For a free electron (g = 2.0023) the frequency of radiation absorbed, 
from Eq.(10.97), is 

= (2.0023) (9.2732 x 107?!) H/6.626 10 
= (2.802 X 10°) H c/sec. 

Thus when a magnetic field of 3000 gauss is used, the absorption 
frequency is 8.4X 109 c/sec which falls in the microwave region of the 
electromagnetic spectrum (Fig. 10. 10). 

In a magnetic field, the electron spin magnetic moments do not all 
occupy the lowest energy level. By the Boltzmann distribution law the 
ratio of the numbers nı and ng of the electrons in the upper and lower 
‘energy states, respectively, is given by 

tn (no = e AEAT (10.98) 
where SE is the energy difference between the two levels and is the 
Boltzmann constant. Since AF is given by Eq. (10.97), 

ngng = e &BH/RT (10.99) 


The smaller the value of ny /ng, the higher the absorption probability 
and, hence, the sensitivity of the measurements. The sensitivity therefore 
increases steeply with field strength. 

Transitions between the electron energy levels in a magnetic field can 
be produced and spectroscopic measurements can be made in a manner 
similar to that in NMR spectroscopy. Thus for obtaining an ESR 
spectrum, the sample containing an unpaired electron is placed in a 
constant magnetic field and simultaneously irradiated by a radio- 
frequency field(in the microwave region) that produces a rotating field 
perpendicular to the fixed magnetic field direction. As in NMR, the 
resonance frequency satisfies the relation: 


w=gBH/h c/sec. 


Energy absorbed from the rotating field at resonance causes the electron 
spins to flip from the lower energy level to the higher energy level 
[Fig. 10.53 (a)]. The absorption of energy is measured electrically and 


recorded on a chart. 


-27 


(10:100) 


10.12.2 Instrumentation 

A Klystron oscillator operated at frequencies around 1019 c/sec and 3.5 
X 1010 `c /sec is commonly used to generate a microwave field in an ESR 
spectrometer. The field is applied to a rectangular microwave cavity 
which contains the sample and is connected to one arm of a microwave 
impedance bridge system. The sensing element of the spectrometer is the 
microwave cavity which is constructed in such a way as to maximize the 
applied magnetic field at the sample held in the cavity. The cavity is 
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Fig. 10.53 (a) Splitting of energy level of an unpaired electron 
by an external magnetic field. (b) Splitting due to an external 
magnetic field plus magnetic effect of a nucleus with spin }. 
Allowed transitions are indicated by arrows and the resulting 
ESR spectrum is shown in (c). Magnetic field (increasing) 


Derivative 
signal 


placed between the poles of an electromagnet, which provides a 
homogeneous magnetic field and which can be varied from near zero to 
5000 gauss. 

The bridge method is normally employed in the detection scheme 
with a crystal detector. The detector is usually a silicon-tungsten 
crystal rectifier which converts microwave power to a direct-current 
signal, Magnetic field modulation is usually employed to produce 
resonance. The magnetic field is swept over a small range through the 
resonant condition by varying the current in a pair of sweep coils 
mounted on the cavity walls. Phase-sensitive detection results in the 
recorder presentation as the derivative ‘of the microwave absorption 
spectrum against magnetic field. i 


10.12.3 ESR Spectra 


For obtaining ESR spectra the sample may be used in the form of a 
single crystal, solid powder, liquid or solution. The total area under the 
absorption peak is proportional to the number of unpaired electrons in 
the sample. Comparison can be made with a standard having the same 
line shape as the unknown. The usual standard is diphenylpicrylhydrazy! 
which is completely in the free-radical state and contains 1.53 X 102! 
unpaired electrons per gram. 

Since an unpaired electron for spin resonance is usually near or at 
the periphery of the free-radical species with which it is associated, its £ 
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value is always close to 2.0023, and consequently no counterpart of 
chemical shifts in NMR is observed in ESR. Interactions however occur 
between the magnetic moment of the unpaired spinning electron and the 
magnetic moments of those nuclei in the free radical which have intrinsic 
spins (Section 10.11). Such interactions are possible as the unpaired 
electron in many free radicals is not rigidly attached to a particular atom 
but occupies an orbital embracing several atoms. The interactions cause 
further splitting of the electron energy levels and give rise to hyperfine 
splittings. Whereas the multiplet fine structure, which occurs only in ionic 
crystals, arises when the paramagnetic material has more than one 
unpaired electron, the smaller hyperfine structure, which occurs both in 
crystals and free radicals, arises through coupling of the unpaired 
electron with neighbouring nuclear spins, in much the same way as 
coupling occurs between nuclear spins (Section 10.1 1.5). 

Considering, for example, the simplest case of an unpaired electron 
interacting with one proton (nucleus with spin +), the magnetic field 
actually felt by the electron is Hy t+ OH or Ho- AH, where Ho is the 
applied field and A H is the effect originating from the magnetic dipole 
moment of the proton. The probabilities will be equal for the electron 
experiencing the higher field (Hig + A H) due to parallel alignment with 
the proton or the lower field (Hg— AH) due to antiparallel alignment. 
_ Therefore, instead of a single absorption tine, two lines of equal intensity 
will occur in the ESR spectrum. Figure 10.53(b) shows schematically the 
splitting of the electron energy level due to an external magnetic field 
plus the magnetic effect of a nucleus with spin 1/2. 

In general, each electronic energy level will be split into 27 + 1 levels 
due to a nucleus with spin J, thus giving rise to 27 + 1 resonance 
absorption lines. Phase-sensitive detection used in ESR results in the 
recorder presentation of the first derivative of the absorption spectrum 
against the magnetic field [Fig. 10.53 (c)]. A superheterodyne arrange- 
ment is also used especially for very narrow absorption lines. 

If a radical species contains several nuclei with intrinsic spins, the 
unpaired electron then experiences interaction with each nucleus result- 
ing in a meve complicated splitting pattern. The splittings can be treated 
in much the same way as were the nuclear magnetic interactions in 
NMR spectroscopy. Quite generally, 2nJ + 1 spectral lines result from 
interaction with n equivalent nuclei of spin Z and the intensity 
distribution of the lines equals the coefficients of the binomial expansion 
(1 + 7)” similar to that in NMR spectroscopy. 

To illustrate, the interaction of an unpaired electron with four 
equivalent protons (Z= }) in 1, 4—benzosemiquinone will be expected to 
produce a multiplet of five peaks (Fig. 10.54) with an intensity ratio of 
1:46:4:1. The lines in the primary multiplet may also be split further 
due to weaker coupling of the electron with other nuclei in the same free 
radical species. Analysis of hyperfine splittings and the number and 
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Fig. 10.54 (a) Free-radical ion 1,4-benzosemiquinone, (b) Expected 
splittings and transitions and (c) ESR spectrum of the radical ion. 


intensities of multiplet structures give information on the 


relative 
d the degree of its interaction 


distribution of the unpaired electron an 
` with the nuclei ir. the molecule. 


be the ESR hyperfine patterns for the semiquinones (Fig. 10.55) 
es in the oxidation of (a) 2,6-dimethy]-4-t-butyl phenol, (b) 2,6-di-t- 
oxide in cyclohexane? 


Example 10.2 What would 


which are formed as intermediat 
butyl- 4-methyl phenol and (c) 2,4,6-tri-t-buty] phenol with lead 


cth Hy (CH3)3C C(CH3)3 (CH3)C, C(CH3)3 


C (CH), C (CH3)3 


(a) (b) (c) 
Fig. 10.55 Semiquinone intermediates formed by the oxidation of respective 
phenols. 
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Soiution 
(a) The unpaired electron interacts with the six equivalent protons of the 
two methyl groups [Fig. 10.55(a)] to produce a large septet with an 
intensity ratio of 1:6:15:20:15:6:1. Each of these lines is split-again into a 
triplet by weaker coupling of the electron with the two ring protons. The 
ESR spectrum would therefore exhibit a septet of closely spaced triplets. 
(b) A quartet of closely spaced triplets, the primary quartet arising from 
the three protons of the 4-methyl group [Fig. 10.55(b)]. 
(c) A three line spectrum (1:2:1 ratios of intensities) from interaction of 
the odd electron with two ring protons [Fig. 10.55 (c)]- 


Since ESR, by its very nature, cannot respond unless unpaired 
electrons are present, it provides a definite means of ascertaining beyond 


any doubt the presence of free radicals in chemical species. Moreover, 
d number of unpaired 


ESR gives information not only on the presence an 


electrons, as measurements of paramagnetism can often do, but also on 


the distribution of such electrons and the extent of its interactions with 


atoms in the free-radical type molecule. 
When the sample is used in the form of liquid or solution, the 
interactions are usually isotropic (that is independent of the orientation 


of the free-radical). However, anisotropic interactions play an important 
role for free radicals trapped in a solid or highly viscous medium, and the 
] is not spherically 


ESR hyperfine splitting then depends, if the radica! 
symmetric, on the orientation of the free radical with respect to the 
magnetic field direction. Anisotropy of interactions results in broadening 


and distortion of the ESR lines, and the interpretation of spectra 
becomes more difficult. 


10.13 ” Mössbauer Spectroscopy 


Mössbauer spectroscopy: named after Rudolf Mössbauer (1958), relates 
to transitions between energy Jevels of nuclei of atoms. When an element 
is formed by the radioactive decay © i same element or of 
a different element, it is often produced initially. in an excited nuclear 
state and after a short period of the order of microse' 
the ground state emitting energy i 
this y-ray emission from excited nu 
by other nuclei that constitutes Méssbauer oF y-ray spe 


10.13.1 Principles of Méssbauer Spectroscopy : 
We explain in this section the essential principles of Méssbauer 
spectroscopy taking the iron nucleus 51Fe as our example, Radioactive 
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isotope ?”Co, which is a relatively long-lived species having a half-life of 

some 270 days is a convenient source of 57 Fe, A simplified energy level 

scheme showing the decay of radioactive 57Co producing 57Fe is shown 

in Fig. 10.56. The Cobalt nucleus, following an electron capture, 
57 

(tyj2= 270 days) 


Electron capture 


STR 3 
yeray Cty- 15X10 sec) 
AE ~n Fig. 10.56 A simplified energy level diagram 
57 showing the decay of radioactive 57Co to the 
Fe gicited state 2/ Fe* and then to the ground state 
Fe. 


produces a 57Fe nucleus in an excited energy state, designated 57Fe*. 
The latter very rapidly drops to the ground state 57 Fe, the energy change 
involved being AE = 2.30 X 10-8ergs (per nucleus), which is thus emitted 
as a radiation of frequency v = AE/h=3.5X10'8 G/sec (y-ray). If now 
a second °’Fe nucleus in the ground state were placed in this emitted 
radiation beam it would be expected to be excited into the 57Fe* state by 
absorbing energy from the beam. A?-ray detector—a scintillator of a 
Geiger counter—placed in the path of the beam behind the absorber 
would detect this happening. However, two factors prevent this y-ray 
resonance absorption. 


Example 10.3 Calculate the line width of the y-ray emission from 57Fe* nucleus having a half-life 
of about 1077 sec. 


Solution 


Mean lifetime At= f ;9/ 1n2 
From Eq. (10.93): 
Av=i/(2e7 A )=0.110/t1/2 
Naural line wideh = A =0:120/ 107” 
| œ 106sec. "t 
Relative line width =Av/y =106/3.5X 10!8 
~3x10 7 


The? -ray emission frequency, as shown in Example 10.3, is very sharp 
having very low line-width. Consequently, any effect which produces 4 
change in the energy levels of the nuclei or in the radiation frequency 
itself will prevent resonant absorption of the y-ray. One very important 
factor which gives rise to such ‘an effect is the nuclear recoil. It is easily seen 
by applying the de Broglie relationship [Eq.(4.1)] that a y-ray photon 
of frequency 1018 c/sec has a relatively large momentum. Consequently, 
when such a photon is emitted by a nucleus, the nucleus recoils - 
considerably so as to conserve the total momentum. It is however wel 
known that when a moving body emits radiation a stationary observer 
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sees a shifted frequency. This is called the Doppler effect and the frequency 


shift Avis given by 
(10.101) 


Av= vv/c C/sec. 
where v is the relative velocity of source and observer and ¢ is the velocity 


of the emitted radiation. For our 51Fe* nucleus, the frequency shift due 
to recoil is of the order of 101? c/sec (see Example 10.4) which, though 
small compared with the emission frequency of 3.5 X10!8 c/sec, is indeed 
very large when compared with the line width of 10° c/sec. Nuclear 
recoil thus shifts the emitted frequency some millions of line-widths away 
from the position of the absorption frequency thereby preventing 
resonance absorption. In fact, it is possible to observe ?-ray absorption if 
the source material is moved relative to the sample to compensate for the 
recoil energy loss. Méssbauer’s main contributions, which are indeed very 
simple when viewed against this background, were to use solid crystal 
lattices as the y-ray source and further to cool both source and sample 
(absorber) to low temperatures. The emitting nucleus, firmly fixed in a 
solid lattice, has a very large apparent mass and hence negligible recoil 
velocity, while by cooling to low temperatures the thermal motions of the 
lattice atoms, and hence the resulting Doppler effect, are also reduced to 
a minimum. K 

of a free Mössbauer nucleus 57 Fe* when emitting a y 


Example10.4 Calculate the recoil velocity it a 
the Doppler shift of the y -ray frequency to an outside 


-ray of frequency 3.5X 10 18 c/sec. What is 
observer? 
Solution 


Eq. (4.2): Momentum of } ray photon =4/4 =hy/e 
Recoil velocity = Momentum/ Nuclear mass = (/v/c)/m ae 
-27 (35x10! y (8X10) 


oipo NOB ee a 
6776.02 X 107°) 


=8.2 X 10 cm/sec 

Eq. (10.101):A0= (3.5 104%) (6.2% 10 6x100) 

=9.6x10!! c/sec. 

We have seen three components of a Méssbauer spectroscopic arrange- 
ment—source, sample, and detector. We now need some scanning 
device so that the absorption of a particular sample can be precisely 
located. The Doppler effect here becomes a convenient tool. For example, 
a relative velocity v of 1 cm/sec between source and sample produces, 
according to Eq. (10.101 ), a Doppler frequency shift of about 108 c/sec; 
this is about 100 line-widths and thus represents a reasonably wide scan of 
the spectrum. Since for any relative velocity the Doppler shift is constant, 
to scan a complete spectrum point by point there should be provision for 
setting up a large number of different relative velocities of source and 
sample, say, a hundred velocities ranging from +1 cm/sec through 0 
to— 1 cm/sec. 

Two experimental arrangements for setting up variable velocities are 
shown in Fig. 10.57. In the simpler arrangement in Fig. 10.57(a), a °" Co 
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Fig. 10.57 Two arrangements of Mössbauer spectroscopy: 
(a) shows source mounted on a screw thread drive and (b) 
that on an oscillatory drive. 


source mounted on a screw thread drive constitutes a Doppler shifting 
device. Rotation of the screw gives a steady velocity to the source. 
Different velocities can be set up by varying the screw speed. A Geiger 
counter placed behind the sample shows a sudden drop in the count rate, 
when at a certain velocity the sample starts to absorb Y-rays emitted by 
the source. A more convenient arrangement is the one shown in Fig. 
10.57(b). Here the source piece of 2’Co is mounted on an oscillating 
drive, which is essentially a loudspeaker coil and an alternating current 
of a few cycles per second is applied to make it oscillate back and forth. 
This oscillatory motion gives the source a varying velocity relative to the 
sample, the velocity being zero at the turning points of the motion and 
maximum at the centre. The Geiger counter output is in this case fed to a 
multichannel computer which collects and sums the results from each 
point of the movement of the source. A period of several minutes to a few 
hours is usually sufficient to obtain a good spectrum The final spectrum 
is displayed as a plot of counts/sec versus cm/sec, a fall in counts/sec 
signifying absorption of y-ray by the sample. 

The apparatus for Mossbauer spectroscopy thus essentially consists of a 
Doppler shifting device, a Geiger counter, and a small computer. The 
source and sample should ideally be maintained at the temperature of 
liquid helium. The source should be fairly stable, with a half-life of at 
least several weeks, so that frequent replacement does not become 
necessary and the intensity of y-ray emission stays essentially constant 
during the experiment of severat hours. To obtain a good spectrum, the 
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velocity of the source must be very precisely controlled, since an error of 
even 0.01 cm/sec in the velocity shifts the frequency by more than one 
line-width and may thus render the absorption undetectable. 


10.13.2 Applications of Mossbauer Spectroscopy 


Chemical Shift. When the absorber nucleus is in chemical surround- 
ings different from those of the source nucleus, it does not absorb 
at the same frequency; this effect is referred to as the chemical shift 
(or the «isomer shift)and is usually reported in cm/sec. The 
Mossbauer spectrum of the ferrocyanide ion, [Fe(CN),]~4 in 
Fig. 10.58 (a), which shows a sharp absorption peak at a re- 


-0.5 0 +05 -0.5 0 +0, 
sm/sec cm/sec 
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Fig. 10.58 The Méssbauer spectra of (a) the [Fe (CN), J74 
ion and (b) the [Fe (CN), NOJ™® ion. The spectrum in (b) 
shows quadrupole splitting. 


lative velocity of about—0.05 cm/sec, illustrates such a shift. The 
magnitude of chemical shifts is influenced by the electron density at the 
concerned nucleus. We have seen in Chapter 5 that p, d, etc, orbitals have 
zero electron density at their nuclei; consequently it is the s electron 
density which is important. From measurement of chemical shifts one 
may thus obtain relative s electron density and from it an estimate of the 
bond character of atomschemically attached tothe Méssbauernucleus. 
For example, the Méssbauer nucleus !!9Sn exhibits chemical shifts of 
0, 0.21 and 0.37 cm/sec, respectively, in compounds containing tin in 
Sn*+4 4— covalent (tetrahedral) and Sn+?valence states; the values are 
seen to match almost linearly with the number of s electrons in the 
respective electron configurations (for outer shell): 5990, sp3 and s2p0, 
Mossbauer spectroscopy thus affords a relatively simple means of 
ascertaining the valence state of an unknown tin compound. 

Nuclear size is another important factor affecting the chemical shift. 
Theoretically it may be shown that the relationship is of the form: 

Chemical shift = Ke 203 4 this (10.102) 
Where @7 and @ g represent s eleta density at the excited and ground 
state nuclei; R, and R g are the radii of the nucleus in excited and ground 
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states; K is a universal proportionality factor. R, and Rg are usually 
different and the sign of the chemical shift depends on whether Re is 
larger or smaller than Fg. For any given nucleus, obviously, (Re — Rg) 
/Re is constant and the chemical shifts can thus be used to determine 
relative densities of s electrons. Measurements of the excitational change 
of nuclear size from Méssbauer spectroscopy has great importance for 
theories of nuclear structure. 


Quadrupole effects The majority of Massbauer nuclei are found to 
have non-zero spins and also most of them have half-integral rather than 
integral spins. Further, according to a selection rule, the spin of the 
excited state must be different from that in the ground state. It thus 
follows that either or both of the nuclear states will have a spin greater 
than 4; in other words, one or both will have electric quadrupole moment 
(see Section 10.11.6) and this will interact with electric field gradients at 
the nucleus produced by its surroundings. 


For a number of Méassbauer nuclei, the spin (J) is 4 in the ground state 
and 3/2 in the excited state; both 57Fe and 119 are in this category. 
With Z=3/2, there are 91 +1 or 4 possible orientations for the excited 
nucleus in an electric field, as shown in Fig. 10.59(a); the orientations are 
specified by the quantum number Mı being 3/2, 4, -4 and -3/2 (cf 
Section 10.11.1). Since the angle which the nucleus makes with the field 
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Fig. 10.59 (a) The four spin orientations allowed to 
a nucleus with /=3/2 in an electric field. (b) The ground 
and excited state energy levels of the nucleus in the absence 
of an electric field. (c) The corresponding energy levels in 
the presence of a field. 


gardient is the same in the my = +} and m;= — } states, these two states 
have the same energy in the electric field. Similarly, the two states 
m,= +3/2 have the same energy, though different from that of the 
my = +4 states. Interaction with the electric field gradient thus results in 
splitting of the excited nuclear energy into two levels. If the quadrupole 
moment is positive (cigar-shaped nucleus), the + 3/2 states are raised in 
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energy and the+} states are lowered [Fig. 10.59(b)], while a reverse 
situation exists where the quadrupole moment is negative (tangerine- 
shaped nucleus). The Méssbauer spectrum of the nitroprusside ion, 
[Fe(CN) , NO]}~*, is now easily examined. While the [Fe(CN),]* is 
sufficiently symmetrical to have no net field gradient at the iron nucleus, 
replacement of one CN group by NO in [Fe(CN);NO] * produces a 
sufficient field to cause observable quadrupole splitting [Fig. 10.58(b)]. It 
should be noted that the electric field causing the splitting here is 
internal, being inherent in the structure of the ion. Useful data on crystal 
fields can thus be obtained in many cases, from such spectra with 
multiplet structure. Arguments as above can further be extended to the 
cases where both ground and excited state nuclei have a quadrupole 
moment. i 

Magnetic field effects Since, as we have noted above, most of the 
Mössbauer nuclei have non-zero spin, both in the ground and excited 
states, we shall expect them to interact with a magnetic field in the 
manner already described in Section 10.11.1. Thus each energy state with 
nuclear spin I will be split into 21+ 1 energy levels, the spacing between, 
thembeingAE = gfinH, where isthemagneticfieldat thenucleus. Now, 
since the nuclear splitting factor g usually has different values in the 
ground and excited states, the extent of splitting in each state will be 
different. We should note, in addition, that the g-values may have 
opposite signs for the two states (for instance, in the case of >’Fe, the 
ground state g is positive and the excited state g is negative). The splitting 
of the energy levels of °’Fe in the ground state (I=, g positive) and in 
the excited state ([=3/2, g negative) will, therefore, be as shown in Fig. 
10.60(b). The transitions shown in the energy level diagram correspond- 


Fig. 10.60 (a) The ground and excited 
State energy levels of 57 Fe. (b) The split- 
tings produced by magnetic field. (c) The 
splittings produced by simultaneous 
magnetic and electric fields. The overall 
spectra produced by transitions, indicated 
by arrows, are shown at the foot of (b) and ; 

(0). (a) (b) fe 
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ing to the selection rulesAm;= 0 or 1 give rise to a six-line spectrum. 
The relative peak heights correspond to the relative transition probabili- 
ties which can be obtained by detailed calculations. It should be 
mentioned that the magnetic field to cause energy level splitting may be 
applied externally, but it may often be present internally due to the 
interaction of the nucleus with its surrounding electrons in sufficient 
magnitude to cause observable effect. In the latter case, it is quite 
possible to estimate the magnitude of the internal fields by ‘calibrating’ 
the spectrum using the external field. 

When there exists an electric field within the sample in addition to 
internal or an externally applied magnetic field, the quadrupolar shifts 
due to the former are superimposed on the magnetic splitting described 
above. The effect can be easily described in qualitative terms. Thus in 
Fig. 10.59 we have seen that for a positive quadrupole moment the +3/2 
states are raised in energy while the +4 states are lowered. This effect 
when superimposed on the energy level pattern, shown in part (b) of Fig. 
10.60, gives rise to the pattern shown in part (c). The selection rules and 
transition probabilities being unchanged, a six-line spectrum is again 
produced, but now the lines are not equally spaced. Iron difluoride, 
FeẸ, , has been found to give a Méssbauer spectrum of this type. 


10.14 Mass Spectrometry 


Quite a different type of spectral process is represented by mass 
spectrometry. The mass . spectrometer produces charged ions, most 
commonly by electron bombardment of the sample vapour, and sorts out 
these ions into a spectrum according to their mass/charge ratio. The ions 
consist of the molecular or parent ion, that is, the ion produced from the 
original molecule by loss of one electron, and ionic fragments of the 
original molecule. A mass spectrum is a record of these different kinds of 
ions, and the relative number of these ions are, characteristic for the 
compound, 


Analysis of the mass spectrum can produce a wealth of information 
concerning the ionization and fragmentation patterns of organic 
molecules, from which valuable information on the structure of these 
molecules can be derived. 

Mass spectrometry is also used extensively for the determination of 
molecular weights, for ascertaining isotopic ratios of some elements 
present in different compounds, and as.an essential adjunct to the use of 
stable isotopes in tracer work and reaction mechanism studies. It is also 
possible to determine the ionization potential of a molecule and the bond 
dissociation energies using mass spectrometry. 
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10.14.1 Instrumentation and Procedure 

Several types of mass spectrometers are available. A simple, Dempster 
type mass spectrometer consists of four units: (a) inlet system; (b) ion 
source; (c) accelerating system; and (d) ion collector, amplifier and 
readout system. 

A high vacuum is maintained throughout the spectrometer. Different 
inlet sample systems are used for handling different types of material- 
gases, liquids and solids. Several methods may be used for ionization of 
the sample, such as the electron bombardment of the sample vapour, 
thermal vaporization of the sample from a metallic surface, and 
irradiation of the sample vapour with high energy UV radiation. In mass 
spectrometers designed for application to organic compounds, the 
method most. commonly employed for producing ions is electron 
bombardment of the sample vapour. Even relatively nonvolatile organic 
compounds can be vaporized at a reasonably low temperature in a high 
vacuum. 


The sample vapour is introduced into the ion source (Fig. 10.61), an 
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Fig. 10.61 Schematic diagram of a Nier 60° sector mass spectrometer. 


ionization chamber, maintained at a pressure between 10 “5 and 
10-’mmHg, where the vapour stream is bombarded by an electron beam 
with energy between 8and100 eV. A range from 8 to 15 eV is employed in 
molecular weight determinations as the range of energy corresponds to 
the ionization potential range for many organic molecules, and its use 
thus results in the formation of positive ions by molecules losing one 
electron. The mass of such an ion, called parent ion, corresponds to the 
molecular weight of the molecule. ; 

When the energy of the electron beam is increased beyond 15 eV, the 
initially formed parent ions undergo decomposition producing fragment 
ions, which are characteristic of the molecular structure. An energy of 
about 70 eV has been found to produce good fragmentation of reproduci- 
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ble intensity, whereas energies above 70 eV lead to the formation of an 
increasing number of doubly charged ions due to the removal of two 
electrons from the molecule. 

The positively charged ions formed in the ion source are drawn out by 
a small electrostatic field between the large repeller plate X (charged 
positively) and the first accelerating plate Y. After emerging through the 
slit in Y, the ions are subjected to a strong electrostatic field potential V 
of 400—4000 volts between the first accelerator plate and the second 
accelerator plate Z. The ions thus accelerated enter the analyzer unit 
through the slit in Z. ¢ 

In the magnetic analyzer the fast moving ions are reflected, by the 
application of a magnetic field, through an angle of 180° over a 
semicircular path or at 60-90° as in sector instruments (see Fig. 10.61). 

The separation of ions occurs as follows. An ion of mass m and charge e, 
on passage through an accelerating electrostatic field of voltage V attains 
a velocityv . The kinetic energy (1/2) mv? of the ion equals its potential 
energy eV before acceleration. Thus, 

(1/2)mv? = eV (10.103) 
or v= (2eV/m)1/2 i (10.104) 

When the fast moving ion next enters the magnetic field H, it diverts 
the ion into a semicircular trajectory of radius r producing a centripetal 
force Hev, which is balanced by a centrifugal force mo? /r. Therefore, 


mv2/r = H He îi (10.105) 

The radius of curvature r of the trajectory is given by 

m2 /r = Hw (10.106) 
Substituting for v from Eq. (10.104), Eq. (10.106) becomes 

r = (2V/H?)"”? (m/e)? (10.107) 
Rearranging, 

m/e=H2r2/2V ‘ (10.108) 


Only those ions whose trajectory in the magnetic field, as described by 
Eq. (10.107), coincides with the.arc of the analyzer tube, will be brought 
to a focus on the collector slit. Other ions will strike the analyzer tube 
(which is grounded) at some point, be neutralized and pumped out of the 
system along with other neutral species. Thus the ion species which will 
be collected under a given magnetic field H and accelerating potential V 

, are those having mass/charge ratio (m/e) satisfying Eq. (10.108). Ions are 
thus sorted according to their m/e ratio, not their mass alone. For 
example, two ions m+ and (2m)"* will describe the same path and be 
collected together. 

To obtain a mass spectrum, either the accelerating voltage V or the 
magnetic field strength H is varied continuously at a constant rate, 
resulting in ions of differing m/e attaining one after another the fixed 
trajectory of radius of curvature r. Usually the magnetic field is held 
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constant and the accelerating potential is varied. This produces a voltage 
scan of the spectrum. On the other hand, a magnetic scan of the spectrum is 
produced when the magnetic field is varied, while maintaining a 
constant accelerating potential. A voltage scan allows a spectrum to be 
obtained in a very short period (less than 2 seconds); a magnetic scan 
would not, however, be so rapid due to the inductance of the magnet. 
The current carried by the ion beam reaching the collector slit is smail 
(1078 to 107!° amp) and must be amplified before recording. The 
electrical’ signal is amplified by an electron multiplier . or vibrating 
multiplier and fed to a recording device, preferably an oscillograph. In 
an oscillograph, a series of mirror galvanometers of different sensitivities 
are deflected by the amplified current and the mirrors reflect an 
ultraviolet radiation beam onto a moving strip of photographic paper to 
produce a mass spectrum. The response time of such a system is 
extremely rapid, as compared to conventional pen and paper recorders. 
The mass spectral data are commonly presented in the form of bar 
graphs (see Fig. 10.62) in which the relative abundance (intensity) of ions 
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Fig. 10.62 Mass spectrum of methane. 10 i 


18 plotted against their m/e ratio. The relative abundance of any ion 
is given as the percentage of the corresponding peak relative to the most 
intense peak (most abundant ion). Thus the most intense peak (the 
so-called base peak) is assigned a value 100 and other peaks are reported as 
percentages of the base peak. 

The resolving power of a mass spectrometer is affected by many 
factors, including (a) radius of the ion trajectory, (b) the width of the 
accelerator and collector slits, and (c) the uniformity of kinetic energy of 
ions of same m/e ratio, as they enter the magnetic analyser unit. 
The factor (c) is a limiting factor in single-focussing type spectrometers 
described above, with which a resolving power in the order of 1 part in 
1500 is the best that can be achieved. In a double-focussing spectrometer, 
a radial electrostatic field placed between the ion source and. the 
magnetic field causes ‘velocity focussing’ so that ions of the same kinetic 
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energy only will pass through the subsequent 
in a very high resolution of the spectrum, and resolving power better 


than 1 in 60,000 can be reached. 


magnetic field. This results 


10.14.2 Interpretation and Applications 

Fragmentation processes When a molecule A is bombarded by electrons 
of medium energy (8 to 15 electron volts), the most important and 
common process that occurs initially is the formation of the molecular 
ion bv the ionization of the molecule. through the loss of one electron: 


= if + = 
Ate ou Ab SNe (10.109) 


The molecular ion A+ is formed when the energy of the bombarding 
the ionization energy of the molecule, It is therefore 


electrons is equal to 
| of the molecule from mass 


possible to determine the ionization potentia 
spectrometry. 

The intensity of the molecular ion peak goes on increasing as the 
energy of the bombarding electron beam is increased, till the excess 
energy is high enough to break the bond in the molecular ion, resulting 
in fragments. The accelerating potential of the bombarding electrons 
which initiate this fragmentation is referred to as the appearance potential of 
the fragment ion. It is thus possible to determine the bond dissociation 
energies from @ knowledge of the appearance potentials of fragement 
ions. When the energy of the bombarding electrons is increased further, 
more than one bond in the molecular ion may be cleaved, and the 
process may finally lead to a complete fragmentation of the molecule. 


Example 10.5 It is found that the appearance potential of CHS from CH, is 14.4 eV and 
that from? CH radicais is 9.8 eV. Calculate the bond dissociation energy of ona of the CH4 bonds. 


„Solution CH v 14.4eV cut +H +e" 
4 ey 3 
-°CH 9.8eV CH, Pe 
3 EN 3 
fi ( 
Therefore cH, (4.6,V) H #CH, 
> 


-20 A) 
Bond energy, =@.6eV), (3.83 X 10 cal/eV) (6.02 Xx 107 mole ; ) 
= 106kcal/ mole 


Identificationand analysisof mixtures The fragmentation process of 
the molecular ion is not random, because the excess energy is best 
relieved via breakdown pathways which lead to well-stabilised fragments, 
the analogy being closest to the high-energy processes such as pyrolysis. 
And since sufficient molecules are present for the probability law to hold 
in the dissociation process, the resulting fragments will always occur in 
+he same relative abundance for the particular compound, Because of the 
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uniqueness of the molecular fragmentation, as no two molecules are 
fragmented and ionized in exactly the same manner on electron 
bombardment, the mass spectrum becomes a sort of ‘fingerprint’ for each 
compound. Sufficient differences in these molecular fingerprints permit 
identification of different compounds even in complex mixtures. 

A remarkable feature of mass spectrometric analysis is that mixtures 
with a large number of components can be handled without preliminary 
fractionation. Hydrocarbon mixtures containing up to as many as 30 
components can be analyzed and quantities as low as 0.001 mole per cent 
can be detected. Calculations are usually performed on high-speed 
computers. Moreover, if spectra are recorded separately for each com- 
pound in a fairly pure state, the spectral data for mixtures then permit 
calculation of their mole per cent compositions. 


ler formulae In determinationof a molecular 


Determination of molecu 
formula the most important single item of information is the molecular 


weight. With the molecular weight known, an elemental analysis will 
then permit the assignment of the molecular formula. A mass spectro- 
meter may be used to measure the molecular weight of most organic 
compounds to the nearest whole number. Even a moderately accurate 
elemental analysis of a compound will then permit the assignment of its 
molecular formula, With modern high resolution mass spectrometers, 
however, a molecular weight can be determined with high accuracy: This 
in many cases will restrict the number of possible molecular formulae to 
two or three alternatives and the appropriate formula may then be 
selected using the tabulations of Beynon and Williams (1963), the 
computational method of Lederberg (1964), or computer analysis. 

Example 10.6 What resolving power is needed to differentiate between 


H 
molecular ions of compunds A and B of formulae Cy, H 99 N,O 4 and C 42 **20 


O 5 , both having the same integral mass 300? 


the 
N4 


Soitin 16 12 ; 
The atomic weights of lH, 14 N,and O when relatedto C= 12.000 are: 
1H = 1.0078 
14N = 14.0031 
16 O = 15,9949 


ss 300, have different non-integral masses: 


Molecules A and B, though having the same integral ma: 


BC 2 Hog N4 a k 
Difference 0.0113 


Resolving power of spectrometer = 0,0113/300 or | part in 27000. 


Molecular ion ‘The mass spectrum ofa compound, as we have aad 
seen, consists of the mass-to-charge i he ion fragments Grle 
relative abundance of these ions plus the molecular epee jon. an 
the molecular ion is formed by the loss of one electron from the mo : 
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[Eq/ (10.109)], the m/e ratio of the molecular ion peak gives the 
molecular weight M of the compound to the nearest whole number. 
However, using a high-resolution mass spectrometer, the m/e ratio of the 
molecular ion, and hence molecular weight of the compound, could be 
measured with an accuracy of the order of one part in a million by 
comparison with an ion of exactly known m/e value. Though the peak 
with the highest m/e ratio in the mass spectrum would normally be 
- expected to be the molecular ion, peak, this however is found to be so only 
for 80-90 per cent of organic compounds. For the remainder, either the 
molecular ion peak is too weak for a definite identification or the 
presence of a higher molecular weight impurity complicates the spectral 
analysis. 

The intensity of molecular ion peak is related to the stability of the 
molecular ion which, in turn, is related to molecular structure. For 
example, a conjugated z-electron system tends to stabilize a molecular 
‘on and so also a cyclic structure. Such compounds usually give rise to 
relatively strong molecular ion peak. On the other hand, compounds 
whose structural features make the molecular ion unstable relative to its 
fragmentation products, give rise to weaker molecular ion peaks. An“ 
approximate order for decreasing intensity of molecular ion peaks of 
compounds is given below: 

Aromatic compounds > cycloalkanes, conjugated alkenes > al- 
dehydes, ketones, alkenes, carboxylic acids, amides, ethers, amines, ”- 
alkanes > branched alkanes, halides, nitriles, alcohols. 

The validity of an apparent molecular-ion peak may therefore be 
tested by considering the peak intensity. Thus an apparent molecular-ion 
peak of relatively low intensity, produced from a compound known to be 
aromatic, is a suspect, and so also one of relatively high intensity, 
produced from a compound known to be an alcohol. The former may 
actually be due to an impurity and the latter due to an ion fragment 
ae by the loss of water molecule. 

n apparent molecular-ion peak should also be tested by applying the 
rule which holds for all aaie compounds composed of me e, 
elements, carbon, hydrogen, oxygen, nitrogen, phosphorus, sulphur, 
selenium, and the halogens, that true molecular-ion peaks are always of 
even m/e ratio, unless the molecule contains an odd number of nitrogen 
atoms, in which case the molecular ion will have an odd m/e value. 
Consequently, no peak of odd m/e ratio can be molecular-ion peak of a 
nitrogen-free organic compound, but must be due to a fragment ion, an 
ion resulting from ion-molecule collision, or a nitrogenous impurity. 


Naturalisotope' abundance While an accurate determination of molecu- 
lar weight restricts the number of possible molecular formulae to a few, 4 
further restriction on the number can be achieved by study on the 
natural abundance of stable isotopes for elements. 
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Table 10.15 gives the natural abundances of the principal stable ' 
isotopes of the main elements in most organic molecules. Inspection of 
the table shows that, apart from bromine, the natural isotope of major 


Table 10.15 Natural Abundance of Principal Stable Isotopes 


J 


Element Mass % Mass % Mass % 

H 1 99.985 2 0.015 

c 12 98,892 13 1.108 

N 14 99.635 15 0.365 

(0) 16 99.759 17 0.037 18 0.204 
F 19 100.00 

P 31 100.00 

S 32 95.03 33 0.75 34 4,22 
cl 35 75.77 "87 24.23) 
Br 79 50.537 81 49.463 
I 127 100.00 


abundance has the lowest mass number. The molecular (parent) ion (and 
associated mass M) is considered to be that derived from a molecule 
composed solely of the most abundant isotopes of the elements present. 
However, since the mass spectrometer will also record the presence of 
ining heavy isotopes of 
1 and 2 or more 


units larger than the parent ion will also appear, thus giving a cluster of 
peaks (sometimes called the molecular ion cluster) with m/e of M, M+ 1, 

bundance (intensity) of 
the parent ion peak (Pm) is considerably greater 


abundance of higher peaks P m+p P Mi 


relatively large natural abundances M heavier isotopes of pHgnne 
bromine and sulphur, compounds containing these elements usually 


show prominent peaks for PM+2°> 


Example 10.7 Calculate the peak-intensity ratios for the molecular ion 


cluster of (a) methane and (b) acetyl acetone (C5 Hg02): 


iutio i ig. 10.62) consists of two peaks at 
Soiution (a) The molecular ion cluster (Fig rie yi A ic! we on 


m/e: =16 and 17 (Mand M + 1). The Mp ligit 
the' M + 1 peak is due mainly to (`C H4); t-I The peak atm. ie 
M + 2 owing to (C'H, P) is insignificant because of the very 10 

natural abundance of 2 H(0.015 pet cent) making 1t unlikely to occur m 


combinä with another 7H. ] 
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Assuming that the ionization potentials of olny, and C'H 4 are 
similar, the expected ratio of peak intensities on the basis of the natural 
abundance of !3C is 
(Pye 100 = (1.108/98.892) 100 
= 1.12 (cf. Fig. 10.62) 
(b) The (M + 1) peak may be due to molecular ion species containing 
either 13C, 2H or 170, Based on the natura! abundance of 13C (Table 


10.15): 
(A /P..)100 = (Number of C’s) (1.108/98.892)100 

Marha) 0 5x 112 5.60 
Again on the basis of the natural abundance of 2H: 

/P.)100 = (Number of H’s) (0.015/99.985)100 

CaS §x0.015=0.12 
On the basis of the natural abundance of O: 
(M+ 1 /F,)100™ (Number of O’s) (0.037/99.759)1U0 

sang = 2x0.037 = 0.074 

e (M + 2) peak may arise due to contributions from (1 12 C5 IY 

180 160) + (2) (13C2 20 3 ‘He 1602) +, (3) ae CBHI Ot, 
(4) (CIG, Hg 170160)'+, and (6) (12C 2Hs'H, 170160) +. Consi- 
dering only (1), since it makes the largest contribution, the expected ratio 
is 
(Number of O’s) (0.204/99.759)100 


/P.,) 100 
M?) 2X0.204 = 0.41 


RR 


(Au+2 


Example 10.8 What is the probable formula of the compound of mass 
M = 196 whose M+1 peak is 13.4% and M+2 peak 0.4% of the parent 
peak? The compound consists of only C, H and O. 


Solution Let the compound be C,H, Oz. Since the M+1 peak arises 
mainly from the contribution of '°C and the M +2 from that of !80; 
x(1.108/98.892)100 = 13.4 orx=12 
and 2(0.204/99,759)100 = 0.4 orz=2 

J = 196-12 12—2x 16 = 20 

The formula would be C; H2002 


The above calculations of the peak intensity ratios are only approxi- 
mate. However, Beynon and Williams (1963) have calculated the 
P.M+1 /PM and the P M+2/P M ratios for all possible combinations of 
C,H,O and N up to a molecular weight of 500. The use of such 
tabuiations may help in the assignment of a molecular formula to a 
compound, However, the molecular ion cluster must be of sufficient 
intensity so that these ratios can be measured with reasonable accuracy to 
permit computation. 

In the absence of these tabulations, approximate formulae can be used 
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to` calculate the peak-intensity ratios. Thus, for a compound 
CwH xN,O:z x 2 


P yy +1 Pp! = 1.12 + 0.015x + 0.366) + 0.0374 (10.110) 
(P m+2 P \100 =0.2042 +0,006w(w—1) + 0.004 wy + 0:0002 wx. 
M (10.111) 


The Pm+2 /Pry ratio is usually small for compounds consisting of C, 
H, N and O. However, since 24S has a relatively large natural 
abundance (4.22 per cent), its presence in a molecule contributes to an 
unusually large (M+ 2)/M peak-intensity ratio making it readily detecta- 


ble with a mass spectrometer. 
Once the motecular formula has been decided, the numbér of 


double-bond equivalents (R) for the compound Cy H,NyOz can be 
calculated from the equation 
(10.112) 


R=}(2w—x+y+2) 
R represents the sum total of the number of rings and double bonds. For 


example, for benzaldehyde (C 7H, ©), the value of R is 5, accounting for 4 
double bonds and 1 ring. A triple bond, as in acetylene or a nitrite, is 
counted as two double-bond equivalents. ; 

Structural analysis When working from a mass spectrum for structural 
analysis, it is advisable to tabulate the m/e ratios and the relative 
abundances of all the prominent peaks, starting with the highest mass, 
and also to record the groups lost to give these peaks. Possible molecular 
structures can then be postulated, employing a file of common bap 


ions encountered in mass spectra. The postulated structures are tes 
against all known data. Final confirmation usually requires a comparison 


of the mass spectrum with that of an authentic sample. 


Stud: isotopic exchange Another important app” ) 
Ah the study of exchange reactions involving non- 
s. By determining the change in the mass 


spectrometry is in 
radioactive stable isotope the 
change one can ascertain, without 


spectrum of a compound on isotopic ex tip : i 
laborious chemical degradation techniques, the position of pier a 
the molecule and also the extent to which exchange has t en p pai 
These isotopes can also serve as died by mass 5P 


metry, to determine the ultimate fate of the compound in chemical or 
biological reactions. 


plication of mass 


¢ i ‘ chy 
n of an ion of mass ™1 into a new 1 
Metastable peak Fragmentatio roger 


f nda tra! mole le orar al mt— m 
2 cu! adic: m 2 
mass Mga d neutr: l A 


i i i he p 
particle, normally gives peaks corresponding to t 
daughter m$ ions in the mass spec Hopee y mi 
ition, the peak 18 ! 
accelerated cempletely before decomposition, he peak aie aah 


at m,, while if it decomposes to give m2 | 
entering the accelerating region, then only m2 
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There may also be an intermediate situation where mj decomposes to 
give mz - while being accelerated. The resulting peak is recorded at 
neither mj nor m but as a rather broad, poorly focussed peak, called a 
metastable peak, at a position m*, given by the equation 

m*= (m9 2m i 

The metastable peak at m* is smaller than both peaks at m; and m,. The 


study of metastable ions is helpful in determining the mode of 
fragmentation of a molecule. 


10.15 Electron Diffraction by Gases and Vapours 
This method depends on the wave-like nature of electrons. L. de Broglie’s 
suggestion that matter has wave properties was first verified by Davisson 
and Germer in 1927 for electrons (see Section 4.2). The wavelength 
associated with electrons was found to agree with the de Broglie 
relationship A=//my, where m and v are the mass and velocity of the 
electron respectively. The velocity » of an electron depends on the 
potential drop through which it passes. An electron of charge ¢ moving 
through a potential drop V will have energy of motion Ve; equating this 
to the kinetic energy, }mv?, we get. ; 
v = N2Ve/m 

From the de Broglie relationship we then have 

A=h/2QmeV 

The value of hA/Me, calculated from known values, is found to be 
nearly 1078 in cgs units, so that A = 10° 2Vcm. 

Here the potential V is in esu (1 esu of potential = 300V). We can 
express the potential in volts, for which the above equation takes the 
form 


a= /150 --8 cm ! 10.113) 
[8 x 10 ( 


Thus the wavelength associated with an electron is inversely propor- 
tional to the square root of the accelerating potential. A beam of 
electrons accelerated through a potential drop of 10,000 V will have, 
according to Eq. (10.113), a wavelength of 0.12 A, which is of the same 


order of magnitude as the interatomic distances in metals. Thus, if such a - 


beain is sent through a thin metallic foil, the electrons are scattered by 
the atoms of the metal, giving rise to diffraction which can be observed as 
a set of concentric rings on a photographic plate. Each ring in the 
diffraction pattern corresponds to an angle of diffraction which again 
depends on the wavelength of the electrons and the interatomic spacing. 
Diffraction also occurs when an electron beam is passed through gas¢s 
or vapours, even though the molecules have random orientations with 
respect to the incident beam. Here also the diffraction photograph shows 
a set of concentric rings, but they are much more diffuse than the rings in 
the diffraction pattern of a metal foil. Since the molecules in a gas OF 
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vapour are sufficiently far apart for them not to interfere with each other, 
the corresponding diffraction pattern is characteristic of the structure of 


individual molecules. 


Any stable substance t 


hat has a vapour pressure of at least a few 
millimetres of mercury at a moderate temperature can be studied by the 


electron diffraction method. In a typical experiment, a beam of electrons 


t To Vacuum pump 


Fig. 10.63 Schematic diagram of 
electron-diffraction apparatus. (A) 
filament; (B) accelerating voltage and 
slits; (C) nozzle for forming a jet of 
gas; (D) gas sample; (E) photographic 
plate. 


collimated by a magnetic system and then passed through a stream of the 
sample gas before falling on a photographic plate for a few seconds. The 
gas is introduced into the system through a nozzle by momentarily 
opening a stopcock. The whole scattering chamber is kept highly 
evacuated (pressure in the region of 10 mmHg), otherwise the residual 
molecules would produce undesired scattering, leading, to a blurred 
diffraction pattern. The photographic plate after development shows a 
dark central region due to undiffracted beam, surrounded by diffuse, 
concentric circles of alternating intensity. The blackness of any area in 
the plate is related to the number of electrons that struck that area. By an 
appropriate method, the degree of blackness can be measured along a ? 
line from the centre of the pattern to the periphery (that is, at various 
values of the angle 0 between incident and scattered beam) and 
converted to relative intensity of the scattered electrons (defined below). 
From the diffraction pattern we can thus construct an experimental 
scattering-curve, representing the relative intensity. of scattered electrons 
as a function of the scattering angle @ (Fig. 10.64). 

The collisions between a beam of accelerated electrons and a stream of 


gas molecules are either elastic or inelastic. Inelastic collisions give rise to 


incoherent atomic scattering, while elastic collisions produce coherent scatter- 
ing, which again is made up of two components, known as coherent atomic 
scattering and coherent molecular scattering. All these three types of scattering 
occur in the electron diffraction by gases, and so the total diffraction 
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attern, from which the total or. experimental scattering curve 
[Fig. 10.64(d)] is constructed, consists of three types of scattering, whose 
contributions to the experimental scattering curve are as shown in parts 
(a), (b) and (c) of Fig. 10.64. 


o = ma 
y (a) (b) 


s — 


Relative intensity —— 


Relative intensity —= 
[2] 


(c) (d) 


Fig. 10.64 (a) Incoherent atomic scattering; (b) 

Coherent atomic scattering; (c) Coherent molecu- 

lar scattering. (d) Total resultant scattering. 

[Since the de Broglie wavelength is a constant for 

a fixed value of the accelerating potential differ- 

ence, the parameter s which js defined by Eq. 

(10.115), is a constant times singh A 

Incoherent atomic scattering occurs due to the fact that an electron 
may excite an atom to any of a number of higher energy levels and thus 
lose a corresponding amount of energy. The electrons that suffer 
incoherent scattering will therefore have a whole range of wavelengths. 
The incoherent scattering is thus monotonic, falling off rapidly with the 
scattering angle @ (Fig. 10.64), and shows no maxima or minima. A 
monotonic variation of intensity also occurs due to coherent 
atomic scattering, so that the resultant effect of these two types of 
scattering is to produce a steeply falling, monotonic background in the 
total diffraction pattern. It is the molecular coherent scattering, which 
depends on the structure of the molecule, that gives rise to the concentric 
rings of the total diffraction pattern and hence to the maxima and 
minima of the experimental scattering curve. 
The theory for the scattering of electrons by gas molecules was 

developed by Wierl. He considered the scattering of electrons by a 
molecule, fixed in space, and then averaged the result over all possible 
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orientations of the molecule. The following equation is a simplified form 
of the Wierl equation representing the relative intensity of the molecular 
coherent scattering alone: 


Inf N N s 
Jn). x Pil, E sin (sry) (10.114) 
i=] j=1 t J ST we 
(i Æ) y 
wheres = 4 } sin £ (10.115) 


In Eq. (10.114), the ratio of jhe molecular scattering intensity to the 
incident beam intensity, Im is equal to the fraction of incident 


electrons scattered at an angle 0; K is a constant which depends on the 
geometry of the apparatus; Z; and Zj are the atomic numbers of the 7th 
and jth atoms (which may or may not be joined by a chemical bond) a 
distance r;; apart in a molecule of N atoms. The sums are taken over all 
pairs of atoms in the molecule. The wavelength of the electrons 
is 4 (which is constant for a fixed value of the accelerating potential) and 
@ is the scattering angle (Fig. 10.63). i 
The desired structural information for a molecule cannot be obtained 
directly from the experimental scattering curve and indirect methods 
must be used. In the simplest of these, known as the correlation method, the . 


first step is to assume a model for the sample molecule and to select trial 


values for the various distances (r_) between all the atoms. Using these 


values a calculated scattering curve is then obtained from Eq. (10.114): 
and compared with the experimental scattering curve. The two curves 
will usually be different at first, but the values of 7j can be varied 
systematically and the process repeated. The set of values for the 
interatomic distances that is found to give the best fit of the calculated 

curve with the experimental curve is considered to be the correct one. 

The method is evidently laborious and subject to error, especially where 

more than a few independent distances are to be determined. If, however, 

the molecule possesses symmetry elements so that some of the distances 
become necessarily equal to one another, the problem becomes simpler 
and the results more reliable. As an example, we may consider „carbon 
tetrachloride CCl, . If we assume that CCl, belongs to the point 
symmertry group of a regular tetrahedron (see Section 10.2), then the 
molecule has four equal C-Cl distances, six equal Cl C1 distances, and 
further, G-Cl distances are equal to 4/8/73 times the C-Cl distance. 

There is thus only one independent distance to be determined, Assuming 
this independent parameter to be r@-qyand since Zc= 6 and Zor 17, 

Eq. (10.114) becomes 


Im(0) sin("C-C..) 
Tork Ax 6x 17 ee 


sin (8/3 "C-Cl 


i eee | 016 
+6X17%17 1873 "CCI (10.116) 
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A series of values of shoo; are assumed and the corresponding values of 
1,,(@)/1o are calculated from Eq. (10.116). The plot of In (0)/ Io against 
Sto_cy gives a curve having | maxima and minima at various values of 
srœ-c This calculated curve is then compared with the experimental 
curve [Fig. 10.64 (d)], constructed from the electron diffraction photo- 
graph of the sample, and the corresponding maxima and minima of the 
two curves are identified. At maximum or minimum we thus have a 
value of si¢_q) (from the calculated curve) and a value of s (from the 
experimental curve), so that division of siq_ ciby s gives a value of o-ar 
A set of Tg- gřalues can be obtained in this way from the positions of 
maxima and minima. If the assumption of regular tetrahedral symmetry, 
for the molecule is correct, this set of values will be found to cluster 
around a mean value, which is then the desired interatomic distance. 


The above method is useful for small symmetric molecules requiring 
only a limited number of molecular parameters, but the method becomes 
more difficult and prone to error as the number of parameters increases. 
Two sources of error are worth mentioning. In the first place, because of 
low atomic number, the scattering due to light atoms, particularly 
hydrogen, is small; consequently, bond lengths involving hydrogen atoms 
are difficult or impossible to determine by electron diffraction. Secondly, 
a fairly good agreement with the experimental curve does not ensure that 
the assumed structure is correct, because a somewhat better agreement 
may possibly be obtained using a quite different structure. This 
difficulty, however, does not arise when the symmetry of the molecule 
can be assumed with certainty and the correlation method could then be 
used to derive values for a limited number of molecular parameters. 

By the radial distribution method, first introduced by Pauling and 
Brockway in 1935, interatomic distances can be obtained directly from 
experimental diffraction data without having to assume a trial structure. 
The molecule is considered to be continuous in space having regions of 
varying scattering power. From the diffraction data it is possible to derive 
a function, known as the radial distribution function, which gives the 
probability of finding two atoms at a distance r apart. Maxima in this 
function should occur at values of r that correspond to interatomic 
distances in the molecule. Difficulties arise in applying the method to 
bigger molecules where there may be pairs of atoms at approximately the 
same distance apart resulting in overlapping radial distribution peaks; 
and, moreover, spurious peaks may also occur. These difficulties notwith- 
standing, the radial distribution method was widely used in the early 
work on electron diffraction to obtain a trial structure which could then 
be refined by the correlation method. 

As mentioned previously, atomic scattering gives rise to background 
blackening of the diffraction pattern. One of the most important 
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advances in the electron diffraction work in recent years is the use of a 
specially designed, rapidly rotating sector placed in front of the 
photographic plate. By a careful choice of the shape of the sector most of 
the steeply falling batkground blackening particularly near the centre of 
the pattern, can be eliminated. This permits the desired diffraction 
pattern to be obtained in a more quantitative manner, and the positions 
of the true maxima (due to molecular scattering) in the experimental 
scattering curve to be located very accurately (with a densitometer) up to 
much higher values of s than was previously possible. With the 
improvement in technique and interpretation, the results obtained from 
electron diffraction study of small molecules can now be compared with 
those obtained from spectroscopic sources; and, moreover, for molecules 
which are too big to be studied by spectroscopic methods at present, the 
electron diffraction technique can provide reasonably accurate data. 


10.16 Electric Dipole Moments 


In terms’ of the wave-mechanical picture, as we saw in Chapter 6, a 
molecule may be looked upon as an assembly of positively charged nuclei 
surrounded by a negatively charged ‘cloud’, which is made up of 
contributions from electrons in various orbitals. The nuclei and the 
electron cloud are, to some extent, mobile and so when the molecule, 
whether it is polar or nonpolar, is subjected to a constant electric field, 
the electron cloud will be attracted by the positive plate and the nuclei 
will be attracted by the negative plate with the result that there will 
occur a small displacement of the ‘centre of gravity’ of negative charge 
relative to that of positive charge (Fig. 10.65). This separation of the 
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Fig. 10.65 The effect of an applied electric field on molecules 
having no permanent dipole moment: (a) field off; (b) field on. 
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centres of positive and négative charges in the molecule in the presence ‘of 
an electric field is described by the statement that the field has induced 
an electric dipole in the molecule; and the molecule is said to have suffered 
a distortion polarization. The electric dipole moment of two equal but 
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opposite charges, +4, and —q, at a distance r apart is defined as gr. Since 
q is of the order of one electron and the charge on an electron is 
4.80 107 !e.s.u., and since 7 is gf the order of 1 A or 1078 cm, dipole 
moments are of the order of 10 t¥e.s.u. cm. A new unit, the debye, D, is 
therefore defined such that 1 debye or 1 D=1X10 8 e.s.u. cm. It should 
be noted that the electric dipole moment is a vector quantity and its 
direction is conventionally taken to be the direction from the positive 
charge to the negative charge. 

The average dipole moment,m, , induced in a molecule is directly 
proportional to the local intensity F of the electric field acting on the 
molecule; thus, m; = ajF (10.117) 


The constant of proportionality æ q is a molecular property and is - 
called the distortion polarizability; ıt is the induced dipole moment per 
unit field strength and is a measure of the ease with which the molecule 
can be polarized, that is, the ease with which positive and negative 
charges can be displaced with respect to each other in an electric field. 
Since the dipole moment has the dimensions of charge times length and 
the electric field strength has the dimensions of charge divided by length 
square, it is evident that polarizability has the dimensions of a volume. It 
has the same order of magnitude as the volume of a molecule, i.e. 
10-24 cm?. The distortion polarizability may vary in different directions if 
the molecule is not symmetrical; % 4 in that case represents a mean value. 
The induced dipole moment is independent of temperature; this is 
because whenever the position of a molecule changes due to collision, a 
new dipole is again induced in it in the direction of the field (Fig. 10.65). 

There are, however, a vast majority of molecules in which the centres 
of positive and negative charge do not coincide, even in the absence of an 
applied electric field. These molecules therefore have a permanent dipole 
moment. For these polar molecules an applied electric field produces, in 
addition to distortion polarization, another effect known as orientation 
polarization, since the field tends to align the permanent dipoles along its 
own direction. This alignment is, however, disturbed by thermal 
collisions which tend to produce random orientation of the permanent 
dipoles. It follows then that the orientation polarization, which depends 
on the average component of the permanent dipole moment (u) in the 
direction of the applied field, should be temperature dependent and 
should decrease with an increase in temperature. The average component 
of the permanent dipole moment, i.e. the average value of H cos @ +0 
being the angle at which 4 is oriented with respect to the field direction, 
represents the contribution (mo) of the orientation polarization effect to 
the total average dipole moment of the molecule. It was shown by Debye 
that mo=Fp : /3kT. 

Comparing with Eq. (10.117), we define the orientation polarizability, 
hg, aS ao = u2/3kT. 
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Hence for polar molecules the total polarizability, æ t, is given by 
a,=agt a, =d + a2 3kT 
and the total average dipole moment per molecule in the electric field is 


then 2 
m,=a,F=F ay + er (10.118) 


As before, F 1s the intensity of the electric field actually acting on the 
molecule. For nonpolar molecules, „= 0 and thus distortion polarizabi- 
lity is the only kind of polarizability. 

Suppose the strength of a uniform electric field in the evacuated space 
between two charged plates is Eo. Let us now imagine that many 
molecules of a substance are introduced into the evacuated space. This 
substance, assumed to be an insulator, is called the dielectric; it may be a 
gas, liquid or solid. Since the dipoles induced in the molecules of the 
dielectric act in opposition to the applied field (Fig. 10.65) and thus 
partially candel the charges on the plates, the field strength (E) in the 
dielectric is less than the value (Eo) in vacuum. It can be shown from the 
principles of electrostatics that 

E=E£,—4n" I (10.119) 
in which J, the dielectric polarization, is the dipole moment per unit volume 
of the dielectric. 

The ratio Fo/E is a property of the dielectric known as the dielectric 
constant, D. (It can be distinguished from the symbol D of the debye 
unit, since the latter always follows a number). Dividing both sides of Eq. 
(10.119) by E, replacing E,/E by D and rearranging we obtain 

E = 4,1 /(D-1) (10.120) 

The electric field F actually acting on a molecule within the dielectric 
substance, as required by Eq. (10.118), is a little greater than Æ, because 
of the effect of the surrounding molecules. It can be shown that F = E 
+4/3aI. Substitution of E from Eq. (10.120) then gives 

F=421{ (D+2) 

ETH | (D1) (10.121) 

The polarization J, which is the dipole moment per unit volume, will 
be given by the total average dipole. moment per molecule, M, 
multiplied by the number, % of molecules per unit volume of the 
dielectric. Thus, from Eqs. (10.118) and (10.121), we have 

tea, Sn (ap ae ee a (a+) 

3kT BRADS BKT, 


Rearranging this equation 


: i ; 
33 [urr] = PB (10.122) 


sa, 
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Since n is given by n =N)/M where N is the Avogadro number, and @ and 
M are, respectively, the density and molecular weight of the dielectric 
substance, Eq. (10.122) can be written as 


D-1M =41N : 
Pay -47 (utal (10.123) 


The left-hand side of this equation is represented by the symbol B 
and is called the total molar polarization of the substance; thus 


Pn = poe (10.124) 
2 
jad BER = 4N (s+ z) (10.125) 


where P, =4uNa4 and Po = 4AN AT) 


are the molar distortion po arization and the molar orientation polarization, 
respectively. Equation (10.125) is known as the Debye equation. 

If the dielectric substance is composed of molecules which do not have 
a permanent dipole moment, the above equations reduce to 


P _D-}M-41N 
m br B Tee (10.126) 


which is known as the Clausius-Mosotti equation. 


10.16.1 Determination of Dipole Moments 


The Debye equation (10.125) provides the necessary relationship for the 
determination of polarizability (aj) and the permanent dipole 
moment*(s) from the measurable quantities: dielectric constant (D) and 


density (P). The determination of dielectric constant involves the 
measurement of the capacitance of a condenser filled with the given 
substance and then that for a vacuum between the plates. It can be seen 
from Eq. (10.125) that the molar polarization is a linear function of the 
reciprocal of the absolute temperature. We can, therefore, measure D an 
p over a range of temperature and plot Pm, calculated from Eq. (10.124), 
against 1/T. The slope of the straight line graph will be equal to 
4gNw2/9k, from which æ can be calculated, while the intercept at 
1/T=O will give the molar distortion polarization Pq and hence &4:- 


The Debye equation is based on the assumption that the molecules do 
not interact with each other.. It is therefore not applicable to polar 


In the remainder of this Section we refer. to permanent dipole moments simply a5 
dipole moments for brevity. : 
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liquids, since there is strong interaction between the dipoles of closely 
packed polar molecules. However, in dilute solutions in nonpolar solvents 
such as benzene and carbon tetrachloride, the polar molecules will be on 
the average relatively far apart and the Debye equation can then be 
applied. The application of the Debye equation becomes most reliable 
when the substance under investigation is in the form of gas or vapour. 
Not all substances, however, can be studied in the gas phase over a range 
of temperature wide enough to give good values of the dipole moment. 


(i) Vapour-temperature method The method involves the determina- 
tion of the dielectric constant and density ọf the vapour at a series of 
temperatures. The density is usually calculated from the gas laws. 
Possible error due to departure from ideal behaviour may be eliminated 
by measuring the dielectric constant over a range of pressures at each 
temperature and extrapolating Fm» calculated from Eq. (10.124), to zero 
pressure. The total polarization Pp is then plotted against 1/T and the 
slope of the straight line is measured. Denoting the slope by b, it is seen 
from Eq. (10.125) that b= 4nNu2/9k. Hence # = SER TRAN, 

Since k= 1.38 X 10716 erg per degree, and N= 6.02 x 1023, it can be 
readily shown that # = 0.0128 Bx 10-8 es.u cm=0.0128 VOD. 

The intercept of the above plot on the P, axis, moreover, gives the 


value of the distortion polarization R- 


(ii) Dilute solution method When a polar solute is dissolved in a nonpo- 
lar solvent, the total molar polarization is the sum of the polarization 
contributions of the two components, namely, solvent and solute. If x 
and x, are the mole fractions and A and P, are the molar polarizations 
of the nonpolar solvent and polar solute, respectively, the total molar 
polarization Pio of the solution, if dilute, is given by 


Pio =4 R +m B (10.127) 


At each temperature, the molar polarization of the solvent is calculat- 


ed from Eq.(10.124), using the measured values of the dielectric constant 


and density of the solvent. The molar polarization Pio ‘of the solution, at 


each temperature is given by 
P Di,2 AÀ xıMı +%2™ (10.128) 
1,2 y D ry] v r 
in which Dis is the ee dielectric constant and @,2 the density of 
the solution; Mı and My are the molecular weights of the solvent and 
solute respectively. ; 
Both P, and z 12 being evaluated from experimental measurements, 


Py of the solute can be calculated from its composition from Eq. (10. he 
The values of P2 obtained in this way are found ss ORE The 
i : ion at consta’ 4 

with the concentration of the solutio! tions between polar 


effect, which is attributed to the presence of interac 
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molecules, can be minimized by extrapolating the Pj» values, either 


graphically or by means 


of a suitable equation, 


to infinite ‘dilution. 


Values of P9,0, that is, Po at infinite dilution, can be obtained in this 
way for a series of temperatures and the value 


calculated from the Debye equat 


of u can then be 


jon. (It should be noted that besides 


mutual interactions of the solute molecules there are also interactions 


between the solute and th 


to as the solvent effect, is 
nonpolar solvent molecul 


e solvent molecules. The latter effect, referred 


attributed to the polarization induced in the 


es by the electric 


polar solute. The solvent effect is not eliminated by 
infinite dilution, and other semi-empirical methods have been proposed.) 

The dilute-solution method is limited by the range of temperatures 
be studied. The limitation can be removed, 
however, by making use of refractivity method. 


over which solutions can 


(iii) Refractivity method 
approximations, is simpler and more useful th: 


fields of the dipoles of the 


the extrapolation to 


. This method, even though it involves some 
an the temperature 


method, because it requires measurements at only one temperature. The 
behaviour of polar molecules in oscillating 
electric fields of high frequency. 

We have so far considered two types of polarizations, namely, 
and orientation polarization P, (Eq. (10.125)}. 


method depends on the 


distortion polarization Py 


displacement of both electrons and nuclei in the 


made up of two effects: (a 
nuclei) towards the positive 


The distortion polarization, as we have mentioned above, depends on the 


molecule. It is thus 


) displacement of the electrons (relative to the 
pole of the applied electric field, and (b) 


slight displacement of nuclei with respect to one another. The first effect 
is known as the electron polarization P, and the second effect as the atom 
which is somewhat misleading). Thus, Py 
=P, +P,, and correspondingly, the distortion polarizability «7 is the 


polarization P, (a term, 


ties. The total polarization Pm is then the sum of 
speed of response of these three types of polarizati 
electric field differs greatly. Thus the atom polariz 
olarization, while the reorientation process of a 


slowly than the electron p 


polar molecule is even slower. Now imagine that an alternating electric 


field of increasing frequency is applied. As long as 
radio-frequency range of the electromagnetic 


too high, such as in the 


spectrum, all the three types of polarization can 


sum of a, and a, respectively, called the electron and atom polarizabili- 


Pe, Pa and Po. The 
on to an alternating 
ation responds more 


the frequency 1S not 


follow the alternating 


field and so all of them contribute to the total polarization Pm - As the 
frequency of the field continues to rise through the range corresponding 


to the infrared region of the electromagnetic spectrum, the orientations of 


the molecules can nolonger alter rapidly enough to follow the alternating 


field, so that there is no or 


jentation contribution to t 


At still higher frequency, in the visible region (~101 


he total polarization. 
5.c/s), the nuclei also 


oO — —lUll— 


Determination of Molecular Structure 389 


are no longer able to follow the alternating field because of their 
relatively large mass, with the result that the polarization drops again 
and only the contribution from electron polarization remains. The plot of 
the polarization against the frequency of the applied field gives rise to a 
curve as shown in Fig. 10.66. ; 
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Fig. 10.66 Dependence of the molar polarization on the 


frequency of the applied field. 


consequence of Maxwell’s electromagnetic theory of 


An important > 
light is the relationship between the dielectric constant D and the 


refractive index mRof a substance: 


D=nż 
R 
This relationship requires that both the dielectric constant and the 


refractive index be measured at the same frequency: The dielectric 
ical methods at relatively low 


i sured 
Fanaa sirable, be seen from Fig. 10.66 that at these 


frequencies (<106 c/s). It can om a 
frequencies, all the three types of polarization (electron, atom, an 
orientation) contribute to the total polarization for a po! | 

i hniques at 


The refractive index, however, l j 
much higher frequencies (1014 c/s); at these frequencies there is only 
the contribution due to electron polarization. That for petir mitoa z 

i i between ‘and nR (for instance, the value © 
Dea a i is 1.33) is a consequence of this fact. 
As would be expected, the difference is much smaller for nonpolar 
molecules; for benzene, for instance, D kane n= eee sabes 

When the Maxwell relationship (10. is in into 

Clausius Mosotti equation (10.126) and correspondingly ag (which is the 


(10.129) 
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sum of ag and «@) is replaced by «3, for the reason mentioned above, we 
obtain the Lorentz-Lorenz equation: 

me - 1 M_4 1Na, 

Mp2+22 3 

The quantity on the right-hand side of this equation is called the 
electron polarization, represented-by R and that on the left-hand side is 
called molar refraction, represented by Rm. Thus. 


Ram=4 Na, =B (10.130) 
We can rewrite the Debye equation (10.125) in the following form 
P, 492N,,2 +4 Na, + 4 Naa 10.131 
m= ar" Sh 3 e+ 3 Si ( ) 


Subtracting Eq. (10.130) from Eq.(10.131) we obtain 
© = aN, 

P, -R =f ENO tN, 4 ene + £, (10.132) 
where the quantity P} is called the atom pu.wization, The value of Rim is 
calculated from the refractive index of the pure substance for visible light 
(for most purposes, the D-line of sodium is used), while P». is calculated 
from the dielectric constant measured at radio frequencies. When 
measurements of the dielectric constant have been made on a series of 
solutions of different dilutions, as in the dilute-solution method described 
above, the value of Fy » may be used in Eq. (10.132) in place of Pa. The 
value of “u can then be calculated from this equation, if the atom 
polarization P, is known. The latter quantity is, however, difficult to 
determine experimentally. Fortunately, for most substances they are 
relatively small (Fig. 10.66), not more than 2 or 3 cm3, and as a rough 
approximation, 2 may be taken as 5-10 per cent of RB. and hence of Rm. 
Thus, knowing the values of P, and Rm from measurements at just one 
temperature, we can calculate the dipole moment from Eq. (10.132). 
Most dipole moment values have been determined in this way. The data, 
however, are not so reliable as the temperature method data because of 
the approximation for atom polarization. 

A few typical values of dipole moments are collected in Table 10.16. 
The trend in the values for the hydrogen halides is in line with the 
electronegativity difference between the halogens. The value of zero for 
the dipole moments of polyatomic molecules like CO,, CCl4, BCI, is due 
to their structural symmetry. 


(iv) Other methods The most accurate values of dipole moments are 
obtained from microwave spectroscopy. As we saw in Section 10.6.3, a 
molecule exhibiting pure rotational spectrum must have a permanent 
electric dipole moment. The application of an external electric field 
causes perturbation of its rotational energy levels due to interaction, and 
as a consequence, the absorption lines of the pure rotational spectrum are 
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shifted (Stark effect). The Stark shift, Av, will therefore be a function of 
both the electric field strength E and the dipole moment . For a linear 
molecule Avis found to be proportional to (HE)? while for a symmetric 
top it is proportional to HE. We can thus determine dipole moments 
simply by observing the Stark shift. Since the measurement is made on 
samples in the vapour state and at a low pressure, the results are 
uncomplicated by molecular interactions and solvent effects. 


Table 10.16 Dipole Moments of Molecules (in debyes) 


Cly 0 H,O 1.84 CgHsCl 1.7 

CO 0 H202 2.1 C6H;Br 1.7 

cS? 0 H3S 0.93 CgHs! 1.2 

ccl4 0 HCN 2.93 CgH,OH 1.7 

CH6 0 SO2 1.63 CgH3NO2 4.23 

C6 Clg 0 NH3 1.44 C6H5NH9 1.56 

BC! 3 0 PCI; 0.80 CgH5CN 4.37 
CH=CH. 0.4 

RC! 2.05 HI 0.44 (CgH5)90 1.15 

RBr 2.05 HBr 0.82 (CgH5)9CO 2.95 

RI ONS a) HCl 1,08 

ROH 17 HF 1,82 

RNHg 1.3 

RNOQ 3.4 

R20 1.15 cis = dichloroethylene 1.9 

R,co 27 trans = dichloroethylene 0 


10.16.2 Structural Information from Dipole Moment 
Since the dipole moment arises from the separation of charges due to the 
difference in electronegativity of the two atoms connected by a chemical 
bond, it should be possible to associate a dipole moment with every bond 
in the molecule. The dipole moment of a polyatomic molecule is then the 
vector sum of the individual bond dipole moments. For the resultant of 
two bond moments 4; and 4 which make an angle 9 with each other, 
the following equation for the vector addition can be used: 

p= (K? + uĝ+2ujuzcoso)$ (10.133) 

Consider the example of H20. Since oxygen is much more electrone- 
gative than hydrogen, a dipole moment can be associated with each O-H 
bond, the oxygen atom forming the negative erfd of the dipole in each 
case. Since H-O-H in HO is known to be 104.5°, the vector addition of 
two O-H bond moments of about 1.5D each will account for the observed 


dipole moment 1.84D for water. Bk 
On the basis of addivity of bond moments we can derive information 
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about the symmetry of polyatomic molecules from their dipole moment 
data. Thus, it is evident that a molecule with a centre of symmetry will 
have a zero dipole moment since each bond moment is cancelled by an 
equal and oppositely directed bond moment. Again, for a molecule 
which has more than one rotation axis or a rotation-reflection axis, bond 
moments will cancel out giving a zero dipole moment. Thus among the 
common point symmetry group listed in Table 10.2, only the Cuy groups 
remain, and a molecule belonging to any of these groups will have a 
finite dipole moment. The dipole moment data of Table 10.16 can be 
interpreted in the light of this analysis. 

As an illustration of the application of Eq. (10.133), let us consider the 
dipole moments of disubstituted benzene derivatives. Since the benzene 
ring is planar and hexagonal, the angle between the dipole vectors of 
two ortho-groups is 60°, while for two groups in the meta-position the angle 
is 120° and for two groups in the fpara-position it is 180°. For 
chlorobenzene #=1.7D, and since benzene itself has a zero dipole 
moment, “C—Cl=1.7D. From the vector addition rule we would 
therefore expect the moment of ortho-dichlorobenzene to be V3 “C— Cl 

. (i.e. 2.94D), that of meta-dichlorobenzene to be “C — Cl (i.e. 1.7D) and 
that of para-dichlorobenzene to be zero (see Fig. 10.67). These may be 


ortho-di chloro benzene meta-dichlorobenzene 
= Bho Be He-cr 


para-dichlorobenzene 
p=0 


Fig. 10.67 Vector addition of bond dipole moments in dichlorobenzenes. 


compared with the observed values for the respective isomers: 2.53D, 
1.67D and 0. It can be seen that the calculated values for the meta- and 
para-isomers are in excellent agreement with the observed values, but 
there is considerable discrepancy for the ortho-derivative. In fact, this is 
found to be a general rule for disubstituted benzene derivatives. This 
discrepancy, or the so-called ortho-effect, may be due to either or both of 
the following reasons:. (i) the angle between the dipole vectors (in this 
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case, C—C] bond vectors) may be increased due to mutual repulsion of 
the adjacent groups (Cl atoms), or (ii) the magnitudes of the bond 
moments may be altered by mutual interaction due to their proximity. 

Dipole moment measurements for aromatic compounds have given a 
number of interesting results, Nitrobenzene has a dipole moment of 
3.95D and there is no doubt that the—NO, group is negatively charged 
with respect to the benzene ring. However, the dipole moment of 
para-nitrotoluene is 4.4D, which indicates that the —CH, group is 
positively charged with respect to the ring. Conversely, a dipole moment 
less than 3.95D for a para-substituted nitrobenzene would indicate that 
the substituent is negatively charged with respect to the benzene ring. 
The dipole moment of para-dinitrobenzene is evidently zero. 

It should be noted that the dipole moment of a para-disubstituted 
benzene molecule with identical groups at the para-positions can be zero 
only if the dipole vectors of the two groups lie along the bonds by which 
the groups are linked to the ring. Thus the zero dipole moment for 
para-dichlorobenzene is a good evidence for the coplanarity of the C — Cl 
bonds and the benzene ring; the same argument applies to para- 
dinitrobenzene. On the other hand, the fact that the dipole moment of 
para-dihydroxybenzene is not zero (the observed value is 1.64D) clearly 
indicates that the 0—H bonds lie out of the plane of the ring. In 
conclusion, we may note that when a decision about the molecular 
symmetry depends on whether the molecule in question has or has not a 
net dipole moment, a reliable conclusion can be drawn from the dipole 
moment consideration. The same cannot be said, however, when the 
conclusion depends on the consideration of the magnitude of the dipole 
moment. 
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Problems 


10.1 List the symmetry elements and give the point groups for the following molecules: (a) 
dichloromethane, (b) carbon tetrachloride, (c) cis-dichloroethylene, (d) trans-dichloroethylene, (e) 
naphthalene, (f) ortho-meta -and para-dichlorobenzene, and (g) 1,3,5-trichlorobenzene. 

16.2 How many revolutions per second does a CO molecule make when J= 1 and J= 10? The CO 
bondh length is 1.128 A. 

10.3 What is the change in the rotational constant B when deuterium is substituted for hydrogen in 
the hydrogen molecule? 

10.4 The separation of lines in the rotational spectrum of the HCl molecule was found to be 20.6 
cm !. Calculate the internuclear distance. 

10.5 Draw rotational energy level diagram for HBr. Which rotational level of HBr has the highest 
population? -a 

10.6 The first rotational absorption of !2C!6O has been observed at D=3.84235 cm and that of 
130160 at D= 3.67397 cm~! Taking the mass of 16O to be 15.9949 and that of 2 to be 12.00, 
calculate the atomic weight of 13C, Assume that the bond length is unchanged by isotopic 
substitution. 3 


10.7 The species 18012032S and 16012094S have been investigated in the microwave region. The 
measured frequencies of the line J=1 J=2 for the two species are 24325.92 Mc/s and 23732.33 
Mc/s, respectively. Calculate the bond lengths C-O and C-S. 

10.8 Two adjacent lines in the microwave speetrum of HCN have frequencies of 17.73X10 and 
26,59 x 10 !%c/s. Calculate the moment of inertia. 

10.9 Assuming that the Hg molecule is a harmonic oscillator with U, =4395 cm! andr, = 0.742 
A’ calculate the maximum displacement (r— Te) as a percentage of re when v= 0) andv=10. 

1010 The infrared spectrum of HCI exhibits a fundamental absorption band atD = 2886 cm 4 . (a) 
Calculate the force that would be required to stretch the H-Cl bond by 1 4, assuming Hooke’s law 
behaviour. (b) Calculate also the vibratignal amplitude in v=0 state. (c) Calculate the shift in che 
absorption frequency caused by replacement of H by D. (Note: The simple harmonic force constant 
for a molecule is virtually independent of any factor other than electrostatic interactions. The force 
constant for DCI may therefore be assumed to be the same as that for HCl.) _ 


10.11 One of the fundamental vibrational modes of MgO occurs at 3652 cm 1 What would be the 
frequency of the corresponding mode in H 7 O and DgO? 

10.12 Using the data of Table 10.4 and 10.8, plot the potential energy versus internuclear distance 
curve near the equilibrium distance for HF and HI. Add to this diagram the allowed vibrational 
energies as horizontal lines. Note the difference in vibrational spacing for HF and HI. 

10.13 The fundamental band for CO is centred at 2143.3 cm™ 1 and the first overtone at 4259.7 
cm” !, Calculate the equilibrium oscillation frequency De and the anharmonicity constant 2.Also 
calculate the zero-point energy of CO. 

10.14 The vibrational spectrum of HCN shows two strong absorptions at 727 cm™ land 3270 cm}, 
two absorptions of medium intensity at 1433 cm | and 2085 cm land two weak absorptions at 1370 
crim | and 2800 cm l. Suggest assignments to these bands. 

10.15 The fundamental band for HCL is centred at 2886 cm” |, Assuming that the internuclear 
distance is constant at 1.273 À~, calculate the wavenumber of the first two lines of each of the P- and 
R- branches of HCI, 

10.16 Given that}, =215.0 cm! and a=0,0028 for I , (a) compute the relative populations at 
300°K of the first faur vibrational levels on the basis of Boltzmann distribution [see Eq. (10.2)], (¢= 1 
for all vibrational levels); (b) calculate the average vibrational energy of I 9 at room temperature. 
(The population of levels greater than y =3 can be neglected.) 

10.17 The values of Ue and g for upper end lower states of CO are 1515.61 cm™ |, 0.0114 and 
2170.21 cm” |, 0.0062 respectively. The (0.0) transition is observed at 64,746.55 cn 1, Calculate the 
energy difference of the two electronic states. 
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10.18 The values ofÙ, and a are 1580.36 cm land 0.0076, respectively, for the ground state of 
molecular oxygen. The dissociation energy of the oxygen molecule in the ground state is 8.294 x mt? 
erg. From these data plot the Morse curve for oxygen. Add the allowed vibrational energies as 
horizontal lines to this diagram. [The constant B in the Morse function, Eq. (10.41), is equal to 
(82° u aD, c/hyh, where u, a Ñ, cand hare as previously defined.] 2 
10.19 The onset of absorption continum in the spectrum of I vapour occurs at 4995 A. Ip molecule 
in the vapour state is known to dissociate into one ground state atom and one excited atom. The 
energy of excitation of the atom is 21.70 kcal/mole. 

Calculate the dissociation energy of Ig in its ground electronic state. 
10.20 The absorption spectrum of oxygen consists of a series of bands which terminate in continuous 
absorption at 1761 A . An oxygen molecule in the upper state dissociates into one ground state atom 
and one excited atom. The excitation energy of the latter is 1.967 eV. Calculate the dissociation 
energy of O2 in its ground electronic state in kcal/mole. Ei 
10.21 The zero-point energy of Op in the ground state corresponds to 793. cm__, and the difference in 
potential energy minima for the two electronic states corresponds to 49,800 cm_!.Determine the 
dissociation energy of Oo in its upper electronic state in kcal/mole. Use the data of Problem 10.20. 
10.22 In the Raman spectrum of CCl4 obtained by using the mercury arc line at 4385.3 A for 
excitation, lines are observed at 4400.0, 4418.8 and 4447.0 A . Calculate the Raman shift for each of 
these lines. 
10.23 The Raman line associated with a vibrational mode, which is both Raman and infrared 
active, is found at 4600 A when excited by incident light of wavelength 4358 A Calculate the 
wavelength of the centre of the corresponding infrared absorption band. 
10.24 In a magnetic field of 15,000 gauss, a phosphorus isotope absorbs at 25.8 Mc/s, Calculate the 
nuclear g factor for this isotope. i 
10.25 Calculate the strength of the magnetic field in which protons will have a Larmor frequency of 
60 Mc/s. ‘ 
10.26 Predict the pattern of high resolution NMR spectrum of isopropyl alcohol which is not free 
from water. (Note. The fine structure of the -OH resonance is destroyed due to rapid exchange with 
protons of water.) f 
10.27 Which valency states of copper and silver will show a strong ESR signal? 
10.28 What would be the ESR spectrum for vanadium (IV) in vanadyl acetylacetonate? Spin 
I=7/2 for? V nucleus. (Ans. An eight-line pattern). 
10.29 Sketch the energy level diagram and predict the ESR spectrum resulting from the radical ion 
(SO3) NO . The nitrogen nucleus has one unit of spin. (Ans, A three-line pattern) 
10.30 Predict the ESR spectrum resulting from coupling of an unpaired electron with (a) two 
equivalent protons, (b) two nonequivalent protons. Sketch the corresponding energy level diagrams. 
10.31 Predict the pattern of the Y-ray spectrum of a Mossbauer nucleus that has spins of 3/2 and 5/2 
in its ground and excited states. Consider the following cases: (a) No internal electric field gradient is 
present at the nucleus and no magnetic field is applied; (b) electric field gradient present but no 
magentic field; (c) no electric field gradient but magnetic field present; (d) both electric field 
gradient and magnetic field present. [Ans. (a) 1 line; (b) 5 lines; (c) 12 lines; (d) 12 lines.] 
10.32 The bond energy of Ho is 104.16 kcal/ mole and the ionization energy of a hydrogen atom is 
13.60 eV. What appearance potential might be calculated for H* in a mass-spectrometric analysis of 
Ha ? (Ans. 18 V) 
10.33 What resolving power of a mass-spectrometer would differentiate between the molecular ions 
of compounds, nonane and napthalene, both having the same integral mass 128? (Ans. 1360) 
10.34 The molecular-ion cluster in a mass spectrum of an organic compound consists of only the 
parent ion peak at M=142 and a M+1 peak which is 1.1 per cent of the parent peak. Suggest the 
composition of the compound. (Ans. CH3I. Note that I is a non-isotopic element.) 
10.35 Calculate the (M+1) /M and (M+2)/M peak intensity ratios for (a) C5 H5 NO2 and (b) 


C5H5 NS. 
10.36 Explain how the intensity of the molecular-ion peak in relation to the rest of the spectrum 


may give clue as to the class of the compound. s ' 
10.37 Calculate the dipole moment and the distortion polarizability of bromine pentafluoride from 


the following data for the dielectric constant of the vapour: 


T(*K) 345.6 374.9 402.4 430.8 
D 1,00632 1.00552 1.00491 1,00438 
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10.38 The molar polarization of n-butylamine determined by extrapolation to infinite dilution in 


benzene at 25°C is 64.0 cm3. Given that the refractive index of pure n-butylamine is 1.399 and 
density is 0.737 g/cm3, calculate its dipole moment. 


10.39 Calculate the dipole moment of diethyl ether from the following data for its solution in 
cyclohexane at 20°C: 


Xy 0.12325 0:08854 0.0472 0.0000 
D 2.246 2.178 2.109 2.033 
2 0.7691 0.7720 0.7751 0.7784 


The refractive index and density of pure diethyl ether are 1.352 and 0.710 respectively. 


10.40 The dipole moments of chlorobenzene and nitrobenzene are 1.70 D and 4.23 D, respectively. 


Calculate the dipole moment of (a) 1,3-chloronitrobenzene; (b) 1,4-chloronitrobenzene; (c) 
1-nitro-3,5 -dichlorobenzene; and (d) 1,3,5-trichlorobenzene. 


Appendix 1 


Reduced Mass of Two Particles 


Considering any pair of particles with an interacting force whose magni- 
tude depends only on the separation of the particles and which acts along 
the line joining the particles, we shall see in the following that despite 
free movement of both the particles we may consider one particle to be 
fixed, provided we replace the mass of the other particle by the reduced 
mass of the two particles. 

As shown in Fig. Al.1, the vectors r and R are the position vectors of 
the particles m and M with respect to the origin O and they describe the 
respective positions of the two particles relative to the fixed Cartesian 
axes X, Y and Z. Then the position vector of the particle m with respect 
to the particle M is given by 

r =r—R (Al.1) 


Since we have assumed that the force of interaction between the two 


Fig. Al.1 Motion of particles m and AT relative į 
to fixed axes XYZ 


D 
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particles is along the line joining them and depends only on the distance 
of their separation, the vector force Fm acting on the particle m is given by 

Fm =fr) r (A1.2) 
where f(r’) represents an arbitrary scalar function of 7’. 

The acceleration of the particle m produced by the force Fm is @r/dt*, 
when expressed in relation to the fixed axes X,Y,Z. Hence from Newton’s 
second law of motion 

m = Fm ` (A1.3) 
where m is the mass of the particle m. 

From Eqs. (A1.2) and (A1.3) 


m a = fir (A1.4) 


According to Newton’s third law of motion, the force on the particle M 
is equal to that on the particle m but opposite in direction, so that 
PR 


M as =fr) r (A1.5) 
We have from Eqs. (A1.4) and (A1.5) 

Cr SAR 

a he r (A1.6) 

@R 1 ys 

a = =a FC’) r y (A1.7) 
Subtracting Eq. (A1.7) from Eq. (A1.6), we get 

dr PR u 1 aNd 

gen at mie)? gai 


Again, differentiating Eq. (A1.1) twice with respect to time t, we have 
r r ËR 


POP (A1.9) 
ee EA from Eqs. (A1.8) and (A1.9) 
{ 1 1 1 
a (- ie 3) Ties he © (A1.10) 


where u, the reduced mass of the two particles m and M, is defined by 
the equation 


a + i ; (A1.11) 
We can rewrite Eq. (A1.10) in the form 
adr’ 
eE = f(r’) r' (A1.12) 


Comparing Eq. (A1.12) with Eq. (A1.4) 
ar Pr’ 


Eq. (A1.13) implies that if we replace the mass m by the reduced mass 
- wwe may consider M to be the fixed origin for describing the motion of m. 
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The Electronic Configurations of 
the Ground States of the Elements 
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Appendix 3 


Tetrahedral sp’ Hybrids 


The electronic configuration of tetravalent carbon is considered to be 
1s? 2st 2p1, 2p}, 2p!,. Accordingly, we can write the four valence orbitals 
` of carbon as (2s), (2p.), Y(2fy), p(2p,). Expressions for these wave 

functions can be written as products of respective angular functions and 
radial functions’ from Tables 5.2 and 5.3. The radial functions R, (7) 
and R,,(r) do not, however, differ greatly from each other. We may 
therefore neglect the radial functions and focus our attention only on 
the angular part of the wave functions (Table 5.2). [Accordingly, follow- 
ing Pauling (see Section 6.7), the bond forming strength of each of the 
functions (p(2p,), (2p) and p(2p,) is calculated to be »/3 times that 
of (25).] 

We now write for the sp? hybrids 

pi=a;Ņ (2s) + bith (2px) + ch (2py) + dh (2p,) i= 1, 2, 3, 4 (A3.1) 
where the possible values of the coefficients are restricted by the normali- 
zation condition: 

aj? + b? + c? + d? = 1 (A3.2) 

The tetrahedral orientation of sp? orbitals may be visualized as the 
carbon atom at the centre of a cube with x-, j-, z-axes parallel to the 
-edges of the cube and the four orbitals being directed from the centre 
towards alternate corners of the cube (Fig. A3.1). 

Let us choose the direction in which the first orbital ọ, has its maximun} 
to be along the (1, 1, 1) diagonal of the cube. (Note, however, that this 
choice of direction is arbitrary.) Therefore the coefficients b, c, and dy 
must be equal, and Ẹ, can then be written as 


Tetrahedral Hybrids 


Fig. A3.1 Coordinate system for tetra- (,-1-1) 
hedral carbon orbitals . x 


Yr = a, Y(2s) ++ bi LP (2px) + (2p) + H(2P2)] - (A3.3) 
The normalization condition (A3.2) becomes i 
a®, + 365, = 1 (A3.4). 
Since along the (1,1, 1) diagonal 
sind = V/2/3 
cosð = 1/4/3 
sing = cosp = 1/+/2 
the values of )(2p,), p(2p,) and )(2p,) in these directions are (see Table 
5:27": 
P (2px) = P20) = (pz) = 1/2V7 
Since )(2s)=:1/2/z, the bond forming strength of ), relative to that of 
) (2s) as unity is a, + 35. Using the normalization condition [Eq. (A3.4),] 
this bond strength becomes a, + +/3(1 —a*,). To find the value of a, 
for which the bonding strength is maximum, we equate the first derivative 
with respect to a, to zero. Thus, 
A [a + V3(1 —a3)] = 0 
This gives a, = 1/2, and Eq. (A3.4) gives b, = 1 |2. The first hybrid 
orbital Q, is thus 
pa(1,1,1) = [P(25) + P(x) + P) + Y(2P2)] 
Similarly, the remaining three hybrids can be shown to be 
(1, —1, —1) = $ [P(2s) + 9 (2px) — (py) — p(2p-)] 
(—1, 1, —1) =} [(2s) — W (2px) + P(2h») — P(22:)] 
(—1, —1, 1) =4 [b(2s) — PP) — P(22)+ P(22:)] 
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Ionization Potentials 


Ionization Pctentials of the Elements at 0°K* 


Tonization potentials cV 
Ist 2nd 3rd 4th 5th 6th 7th 
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Element Ionization potentials eV 
Ist 2nd 3rd 4th 5th 6th 7th 
Fe 7.9 16.3 30.7 
Co 1:9; 17.5 
Ni 7.6 18.2 


Ga 6.0 20.4 30.6 63.8 

Ge 8.1 15.9 34.1 45.5 93.0 

As 10.5 20.3 28.0 49.9 62.5 127.0 
Se 9.8 21.3 33.9 42.7 72.8 81.4 
Br 11.8 19.1 25.7 50.3 


Sr 5.7 11.0 

Y 6.6 12.3 20.4 

Zr 7.0 14.0 24.0 33.8 

Nb 6.8 14.1 24.4 37.9 50.2 
Mo 7.2 

Ru 7.5 28.7 

Rh 7.7 18.2 31.2 

Pd 8.3 20.0 33.5. 49.0 


In 5.8 18.8 27.9 57.8 
Sn 7.3 14.5 30.5 39.4 80.7 
Sb 8.6 18.6 24.7 44.0 55.5 
Te 9.0 21.6 30.7 38.0 60.5 
I 10.4 19.1 31.5 41.8 


Ba 5.2 10.0 
La 5.6 11.4 19.2 
Sm 5.6 11.4 
Eu 5.7 11.4 
Gd 6.2 

Yb 6.2 

Lu 5.0 

W 8.0 

Re 7.9 

Os 8.7 

Ir 9.2 

Pt 9.0 19.4 


Au 9.2 20.0 
Hg 10.4 18.7 34.3 


Tl 6.1 20,3 29.7 50.5 

Pb 7.4 15.0 32.2 42.1 69.4 
Bi 8.5 16.8 25.7 45.5 56.2 
Rn 10.7 

Ra 5.3 


* To obtain values in kcal/mole multiply the listed values by 23.06, The values at 298°K may 
then be obtained, to'a good approximation, by adding 1.5 kcal/electron removed to these values. 
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Properties of Elements 


Properties of Atoms in Bulk The values in parentheses in the column of atomic weights 
are the mass numbers of the most stable or best known isotopes. Melting points and boiling points 
in parentheses are uncestain. The data for gases are applicable only when these are in their 
usual molecular state, such as H}, Na, O,, He, Ne, Ar, etc, 


‘At. wt. Density Melting Boiling Crystal 
Elment Symbol At. (C= gicm® point point structure 
No. 12.000) at 20°C °C °C of solid 
Actinium Ac 89 (227) (1600) Pos J 
Aluminium — Al 13 26.98 2.699 660.2 2060 Fee 
Americium Am 95 (243) 11.7 (850) at por 
Antimony Sb 51 121.75 6.62 630.5 1440 Rhombic 
Argon Ar 18 39.95 1.66 —-189.4 —185.8 - Fee 
xia 
Arsenic As 33 74.92 5.73 814 610 Rhombic 
(36 atm) ! 
Astatine At 85 (210) RT Biss nek vite 
Barium Ba 56 137.34 3.5 704 1640 Bee 
Berkelium Bk 97 (247) Bie ts Ri eet 
Beryllium Be 4 9.01 1.82 + 1350 1530 Hep 
Bismuth’ Bi 83 208.98 9.80 271.3 1420 Rhombic 
Boron _ B 5 10.81 2.3 2300 2550 or 
Bromine Br 35 79.91 3.12 —7.2 58 Orthorhombic 
(liquid) 
Cadmium Cd 48 11240 8.65 320.9 765 Hep 
Calcium Ca 20 40.08 1.55 850 1440 Fee 
Californium Cf 98 (249) ae eat E a 
Carbon c 6 12.01 2.22 >3700° 4830 Amorphous 


Hexagonal Cubic 


Properties of Elements 


BR i pots ts ns 


Element 


Cerium 
Cesium 
Chlorine 


Chromium 
Cobalt 
Copper 
Curium 
Dysprosium 
Einsteinium 
Erbium 
Europivm 
Fermium 
Flourine 


Francium 
Gadolinium 
Gallium 
Germanium 
Gold 
Hafnium 
Helium 


Holmium 
Hydrogen 


Indium 
Todine 
Iridium 
Iron 


Lithium 
Lutetium 
Magnesium 
Manganese 
Mendelevium 
Mercury 
Molybdenum 
Neodymium 
Neon 


Neptunium 
, Nickel 
| Niobium 


Nitrogen 


Symbol 


At. 
No. 


58 
55 
17 


TE PsVSSSSBNe 


At. wt. 
(o! = 
12.000) 


174.97 
24.31 
54.94 
(256) 
200.59 
95.94 
144.24 
20.18 


(237) 
58.71 
92.91 
14.007 


Density 
g/cm? at 
at 20°C 


9.16 
5.24 
1.14 
(liquid) 
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Melting Boiling Crystal structure 


point 
°C 


826 


186 


point 
Ao) 


of solid 


Bec 
Tetragonal 


Bec 
Hep 
Fcc 


Fe ortho 
Diamond cubic 
Fee 

Hep 


Hexagonal 


Fc tetra 
Orthorhombic 
Fee 

Bee 


Atomic Structure and Chemical Bond 


408 
At. wt. Density Melting Boiling Crystal 
Element Symbol At. (G¥= g/cm? point point structure of 
No. 12.000) at 20°C °G Ws! solid 
LAN ee N E 
Nobelium — No 102 (253) kita Ais iat oe 
Osmium Os 76 190.2 22.5 2700 (5500) Hep 
Oxygen (0) 8 15.9994 1.332 —2184 —183.0 nael 
weld? 
Palladium Pd 46 106.4 12.0 1554 4000 Fee 
Phosphorus P 15. 30.97 1.82 44.1 280 Cubic 
Platinum Pt 78 195.1 21.45 1773 4410 Fee 
Plutonium Pu 94 (242) cep ven aon 
Polonium Po 84 (210) 9.24 600 ag Monoclinic 
Potassium K 19 39.1 0.86 63 770 Bee 
Praseodymium Pr 59 140.91 6.63 940 
Promethium Pm 61 (147) ae 
Protactinium Pa 91 (231) aah (3000) ele 
Radium Ra 88 (226) 5.0 700 1140 rA 
Radon Rn 86 (222) eae —71 —61.8 us 
Rhenium Re 75 186.2 -20.5 3170 (5900) Hcp 
Rhodium Rh 45 102.91 12.44 1966 (4500) Fcc 
Rubidium Rb 37 85.47. 1.53 39 680 Bee 
Ruthenium Ru 44 101.07 12.2 2500 {4900) Hep 
Samarium Sm 62 150.35 7.7 (1300) ese Sik 
Scandium Sc 21 -44.96 2.5 1200 2400 Fee 
Selenium Se 34 78.96 4.81 220 680 Hexagonal 
Silicon Si 14 28.09 2.33 1430 2300 Diamond cubic 
Silver Ag 47 107.87 10.49 960.5 2210 Fcc 
Sodium Na DL, ss 22.09 0.97 97.5 880 Bec 
Strontium Sr 38 87.62 2.6 770 1380 Fee 
Sulphur S 16 32.06 2.07 119.0 444.6 Orthorhombic 
Tantalum Ta 73 180.95 16.6 2996 (6100) Bcc 
Technetium. Tc 43 (99) 11.46 2140 ai ae 
Tellurium Te 52 127.6 6.24 450 1390 Hexagonal 
Terbium Tb 65 158.92 8.33 327 ss sists 
Thallium Tl 81 204.37 11.85 300 1460 Hep 
Thorium Th 90 232.04 11.5 1800 (5200) Fcc 
Thulium Tm 69 168.93 9.85 POR: aise aa 
Tin Sn 50 118.69 7.298 231.9 2270 Be tetra 
Titanium Ti 22 479 4.54 1820 (5100) Hcp 
Tungsten Ww 74 183.85 19.3 3410 5930 Bcc 
Uranium U 92 238.03 18.7 1133 (4300) Orthorhombic 
Vanadium v 23 50.94 6.0 1735 3400 Bec 
Xenon Xe 54 131.3 5495 —I112 —108 Fcc 
x 10% 

Ytterbium Yb 70 173.04 7.01 ae Bes N 
Yttrium Y 39 88.91 5.51 1490 (4600) Hcp 
Zinc Zn 30 65.37 7.133 419.46 906 Hep 
Zirconium Zr 40 91.22 6.5 1750 (5050) Hep 


Index 


Abnormal! solubility, 251 
Acceptor levels, 236 
Acceptor ligands, 169 
Acetic acid, 251 i 
Acetylene, 194, 201, 215, 250, 280 

electron circulation in, 349 

MO description of, 145 

VB description of, 146 
Actinide contraction, 198 
Actinide elements, 196, 198 
Actinide series, 62 
Alcohols, hydrogen bond in, 250-251 
Alkali atoms, 108 
Allene, 215 
Alpha particle, 23, 24, 25, 26 
Ammonia: 

structure of, 129, 130 

symmetry elements of, 260-261 
Ammonium ion, resonance structures of, 205 
Angular momentum, 34, 35, 47, 90, 272, 335 

orbital, 50, 51 

quantum number, 90 

spin, 53, 334 
Angular velocity, 34, 272 
Angular wave function, 95-99 
Anharmonic oscillator, 295, 309 
Anharmonicity constant, 294, 295, 296, 323 
Aniline, resonance structure of, 154 
Anion solvation, 251 
Antibonding MO, 121, 330 
Antibonding orbitals, 149, 330 
Antimony, electronic configuration 

of, 180 

ions, 180 
Anti-Stokes line, 313, 315, 318 
Antisymmetric combination, 116 
Antisymmetric mode, 113 
Antisymmetric stretching vibration, 298 
Aphelion, 48 
Appearance potential, 372 
Aromatic character, 151, 152, 153 
Aromatic compounds, dipole moments of, 

393 

Aromatic protons, chemical shifts of, 351 


Aromatic ring current, 153 
Aromatic sextet, 149-150 
Arsine, structure of, 129 
Asymmetric stretching mode, 289 
Asymmetric tops, 271, 283, 317 
Atom: 
Bohr, 30, 32-39, 100 
many-electron, wave-mechanical 
model of, 107-109 
wave-mechanical, 100 
Atom polarization, 388, 390 
Atomic mass unit, 335 
Atomic number, 25 
Atomic orbital, 95 
Atomic spectra, 18-22 
Aufbau principle, 57-59, 124 
Auxochrome, 333 
Avogadro number, 28 
Azimuthal quantum number, 46, 47, 
50, 51, 55, 90 


Back-bonding, 169 
Balmer series, 20, 22. 49 
‘Banana’ bond, 143, 144 
Band centre, 307 
Band head, 328 
Band origin, 307, 328 
Band spectra, 19 
Band structure: 
of aluminium, 235 
of diamond, 236 
of magnesium, 235 
of sodium, 234 
of transition metals, 236-238 
Bar graph, 234 i 
Base peak, 371 
Beat oscillation, 115 
Beer-Lambert law, 330 
Bending mode, 290 
Bending vibration frequency, 301 
Benzene, 215 
heat of combustion of, 151 
infrared absorption of, 304 
MO description of, 149 
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symmetry elements of, 261, 262, 263 
VB description of, 153 
Beryllium, sp hybrid orbitals of, 138 
Block elements, 63 
Bicyclopentadieny] iron, 171 
Bismuth, electronic configuration of, 180 
ions, 180 
Black-body, 2 
Black-body radiation, 2 
Bohr atom, 32 < 
Bohr magneton, 161 
Bohr orbit, 70, 100, 108 
Bohr theory, 31-32, 39 
Bohr’s correspondence principle, 78 
Bohr-Sommerfeld orbits, 48, 172 
Boiling points of clements, 406-408 
Boltzmann constant, 4, 278, 338 
Boltzmann distribution 268, 289, 338 
Bond energy, 188, 189,191, 218-221 
calculation of, 218, 219 
table of, 219, 220 
Bond force constant, 291, 292 
Bond length, 208, 213, 214 
corréction of, 214 
determination of, 276-278 
Bond number, 213-214, 216 
Bond order, 213-214 
Bond strength, 129, 133, 218 
Bonding erbital, 121, 149 
Borazole, 153 
Born exponent. 186 
Born-Haber cycle, 181 
Born-Oppenheimer approximation, 265 
Boron, hybrid ea of, 138 
Brackett series, 


Bromine, mole: rate orbitals of, 126 
Butadiene, 215, 216 

MO description of, 147-148 

VB description of, 148-149 


Canonical structure, 148, 153, 154 
Carbon: 
eleetronic configuration of, 130 
3f? hybrid orbitals of. 144, 147 
af? hybrid orbitals of, 130, 139, 142, 
277-278 
Carbon dioxide, fundamental vibrations 
of, 300 
Earbon monoxide, molecular orbitals of, 
128 
Carbon tetrachloride, bond length in, 
208, 381 


Carbonyl sulphide, 269, 270, 280, 281 
3-centre bond, 225, 226 
3-centre MO, 225, 226, 227 
Centre of symmetry, 257, 259, 280, 
316, 392 
Charge-cloud, 103-106 
Chemical dipoles, 244-246 
Chemical exchange, 352 
Chemical shift, 344, 351 
Chlorine, molecular orbitals of, 126 
Chlorobenzene, dipole moment of, 392 
Chromophore, 332 
Clausius-Mosotti equation, 386 
Coherent atomic scattering, 379 
Coherent molecular scattering, 379 
Cohesion energy of metals, 239 
Combination band, 301 
Combination principle, 21 
Complex ions, 158-164, 180 
Compton effect, 14, 66 
Compton scattering, 12-16 
Compton wavelength shift, 16 
Conjugated diene, 147 
Conjugated polyene, 333 
Coordinate bond, 221 
Coordination number, 199 
Correlation method, 381 
Correspondence principle, 78 
Coulomb's law, 24, 29 
Coupling constant, 351, 353 
Covalent bond, 111, 114, 141, 177, 
200-201 
3-centre, 225 
electron-deficient, 223-227 
ionic character of, 203-207 
Lewis picture of, 200, 201. 202 
wave-mechanical picture of, 201 
with odd number of electrons, 222-223 
Covalent radii, 208-213 
multiple-bond normal, 210 
octahedral, 211-212 
single-bond normal, 209 
tetrahedral, 211 
Critical potential, 40 
Crystal field splitting, 158, 334 
Crystal field theory, 155, 156-162 
Crystal structure of solid, 406-408 
Cyclo-octatetraene,"152 


- Cyclopropane, structure of, 143 


@-block elements, 63, 151 
Dative covalent bond, 221 

de Broglie hypothesis, 66-67, 73 
Debye equation, 386, 387, 390 


| 
| 
} 


Index 


Debye unit, 204, 245 
Degenerate set of orbitals, 157 
Degencrate states, 83, 91, 278, 279 
Degree of freedom, 297 
Delocalization of energy, 148, 151 
Delocalized molecular orbital, 141, 
147, 151, 152, 232 

6-Scale, 335 
Densities of elements, 406-408 
Deuterium, 39 

nuclear spin of, 335 
Dewar structures, 153 
Diamagnetic current, 348, 349, 350 
Diamagnetic substances, 172, 241, 242 
Diamagnetism, 152 
Diborane, bridge structure of, 223-224 
Dichlorobenzenes, dipole moments of, 392 
Dielectric constant, 252, 385-387 ; 
Dielectric polarization, 385 
Difference band, 301 
Dihedral plane, 262, 263 
Dimethy! ether, NMR spectrum of, 346 
Dipole attractions, 245-246 
Dipole moment, 204, 244-245, 275, 

276, 289, 290, 299, 300, 304, 383-393 

Diphenylene, 151, 152 
Directed bonds, 128 
Dissociation energy, 181, 294, 323, 326 
Distortion polarization, 383, 384, 386 
Distribution curves, radial, 107 
Donor levels, 236 
d-orbitals, 95, 96, 98, 104, 139 
Doppler effect, 363 
Double-bond character, 148, 215-217 
Drude-Lorentz theory, 231 


Earnshaw’s classical theorem, 22 
Eigenfunctions, 74, 78, 81 

Eigenvalues, 74, 78, 81 

Einstein mass-energy relation, 66 
Einstein photoelectric equation, 9 
Elastic collisions, 41 

Electric dipole, 383 

Electromagnetic spectrum, 267 
3-electron bond, 222 

Electron affinity, 181, 184-185, 188, 193 
Electron cloud, see charge-cloud 
Electron-deficient compounds, 223-227 
Electron delocalization, 151 

Electron diffraction, 67, 251, 378-383 
Electron orbits, 29-30 

Electron pair bond, 200 

Electron paramagnetic resonance, 356 
Electron polarization, 388 
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Electron spin, 52, 53 
Electron spin resonance, 356 
Electronegativity, 187-194, 214 
Electronic configuration of elements, 
399-401 
Electronic spectra, 267, 268, 319-334 
of diatomic molecules, 320-321 
of polyatomic molecules, 329-334 
rotational fine structure of, 326-329 
vibrational coarse structure of, 321-326 
Electrophilic substituents, 154 
Electrovalency, 111 
Electrovalent bonds, see ionic bonds 
Emission spectrum, 19, 323 
Energy band, 232 
Energy gap, 236 
Energy levels and spectra, 32, 35-39 
Equilibrium bond length, 310, 323, 325 
Equilibrium oscillation frequency, 295, 
296, 318 
Equivalence condition, 131 
ESR spectra, 358 
Ethane: 
electron circulation in, 348 
MO description of, 142 
VB description of, 142 
Ethanol, NMR spectrum of, 345, 351 -353 
Ethylene, 201, 215 
‘electron circulation in, 348 
MO description of,.143 
VB description of, 145 
Exchange energy, 116 
Excitation energy, 118 
Excited state, 36 
Exclusion principle, 53 
Extinction coefficient, 330, 332, 333 


` Extrinsic semiconductor, 336 


Fajan’s rules, 206 
Fermi resonance, 30! , 
Ferric ion, octahedral coordination of, 
159 
Ferrocene, 171 
Ferrocyanide ion: 
hybrid orbitals in, 139 
magnetic moment of, 172- 
Ferromagnetic substance, 172 
Fingerprint region, 303 
First overtone, 296, 301 
Fluorine, molecular orbitals of, 126 
Forbidden bands, 234 
Force constant, 285, 305 
angle-bending, 301 
of bonds, 291-292, 301 
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Formic acid, 251 
Four-quantum-number system, 53 
Franck-Condon principle, 324 
Franck-Hertz éxperiment, 40-44 
Fraunhofer lines, 19 

Free-electron theory, 229-230 
Fundamental absorption, 296 
Fundamental frequency, 287 
Fundamental vibrations, 297, 318 


Gamma rays, 16 

Graphite structure, 216 

Ground state, 36, 319 

Group frequencies, 302, 303, 304 


Hanna;-Smith equation, 205, 206 
Harmonic oscillator, 285-287, 288, 289, 
291, 292, 293, 294, 305 
Hartree self-consistent field method, 104 
Heat of formation, 181, 186, 187, 
218, 220, 221 
Heisenberg uncertainty principle, 68-70 
Heteronuclear molecules, 127, 275 
289, 319 
Hexatriene, 84 
Homonuclear molecules, 125, 275, 289, 
315, 319, 320 
Homopolar bond, see also covalent 
bond, 202 
Hooke’s law, 285, 293 
Horizontal plane (symmetry element) 
259 
Hot band, 296 
Hund’s rule, 126, 155, 156 
Hybrid orbitals, 130-137 
dsp? , 137 
* dsp? , 137 
d?sp° , 137, 139, 212 
ds, 137, 139 
example of, 141 
Sp, 131-133, 137, 138 
Sp? , 133-134, 137, 138, 144, 147, 149 
sp? , 130, 134-136, 137, 139, 140, 
142, 211, 227 i 
Hybridization, 130, 131, 132, 133, 
137, 138-141, 234 
Hydrogen bond, 246-253, 304 
energy of, 247, 251 
Hydrogen bridge, 223, 224, 225 
Hydrogen cyanide, 215, 247, 250, 252 
Hydrogen fluoride, 249, 251 
dielectric constant of, 252 
molecular orbitals for, 127 


Hydrogen halides, bonding orbitals of, 128 


Index 


Hydrogen-like ions, 86 
Hydrogen-like wave function, 92 
Hydrogen peroxide, 220, 250, 252 
Hydrogen selenide, 129, 248 
Hydrogen sulphide, 129, 248 
Hyperfine splitting, 359 
Hyperfine structure, 359 


Impact parameter, 26 
Incoherent atomic scattering, 379 
Induced dipole moment, 311 
Inductive effect, 194 
Inelastic collisions, 41, 43 
Inert gag elements, 60 
Inert gas structure, 178 
Inert pair, 179 1 
Infrared spectra, see vibration: spectra 
Inner hybrids, 160 
Inner transition elements, 62 
Intrinsic semiconductor, 236, 
Inversion, see symmetry operation 
Inversion centre, 258, 259 
lon deformation, 206-207 
Ton source, 369 
Ionic bonds, 177, 178, 
lonic potential, 207 
Tonic radii, 194-200 
values of, 196 
Tonization, 37 
of gas atoms, 40, 41 
Ionization potential, 181, 182-184, 193, 
404-405 
Iron: 
atomic size of, 198 
complexes of, 159, 160, 172 
ions, 159, 172, 173 
isotope, 374 


Jahn-Teller effect, 167 


Kekule structure, 153, 154 
Klystron oscillator, 357 


Lanthanide elements, 196, 198 
Lanthanide series, 62, 197 
Lanthanide contraction, 198 
Larmor frequency, 340, 341 
Larmor precession, 51, 340 
Laser devices, 319 
Lattice energy, 181, 185 
Lead: 
electronic configuration of, 180 
ions, 180 


Lewis picture of-covalent bond, 200, 201, 202 


Index 


Ligands, 154 

Ligand field splitting, 168 

Ligand field theory 165-171 

Line spectra, 19 

Linear combination of atomic orbita!s, 
114, 124 

Localized bonding, 141 

Localized molecular orbital, 141, 143 
144, 145, 149 

Lone pair of electrons, 140 

Longitudinal relaxation, 343 

Lyman series, 21, 22 


Madelung constant, 186 
Magnetic moment: 
of complex ions, 172 
of paramagnetic ions, 172 
unit of, 172 
Magnetic quantum number, 50, 53, 90 
Magnetic scan, 371 
Magnetic susceptibility, 172 
Mass spectrometry, 368-378 
Mass spectrum, 368 
Materia! waves, 67 
Maxwell’s electromagnetic theory,-1, 389 
Melting points of elements, 406-408 
Metallic bond, 229-242 
free-electron theory of, 229-230 
MO approach, 231-238 
VB approach, 238-242 
Metallic orbitals, 239, 240, 241 
Metallic radii, 240 
Metastable peak, 377 
Methane: 
MO description of, 142 
VB description of, 142 
Methy! bridge, 227 
Methyl chloride, 270, 282 
Microwave radiation, 267, 268 
Microwave spectra, see rotational spectra 
Mirror plane, 257, 259 
MO aufbau process, 125 
Molar polarization, 353, 386, 387, 388 
distortion polarization, 386 
orientation polarization, 386 
Molar refraction, 390 i 
Molecular ion, 373 
Molecular orbital: 
antibonding, 121 
bonding, 121 
theory, 120-124, 141 
Molecular parameters, 263 
Molecular symmetry, 255 
Moments’of inertia, 269. 271, 272, 


305, 309 

of asymmetric tops, 271 

determination of, 276-277 

of linear molecules, 269 

of spherical tops, 271 

of symmetric tops, 270 
Morse curve, 323, 324 
Morse function, 293 
Méssbauer spectroscopy, 361 
Mulliken clectronegativity scale, 188, 193 
Multicentre bond, 225 
Multiplicity of NMR absorption, 353 


Neon, electronic configuration of, 127 
Neutron, 335 
Newton’s laws of motion, 29, 65, 286 
Nickel: 
complexes of, 173 
ion, 173 
Nitric oxide: 
molecular orbitals of, 128 
paramagnetism in, 128 
Nitrobenzene, dipole moment of, 393 
Nitrogen: 
electronic configuration of, 120, 129 
molecular orbitals of, 125 
Nitrotoluene, dipole moment of, 393 
NMR spectrometers, 341 
Nodal line, 102 
Nodal plane, 98, 148, 149 
Non-bonding electrons, 330, 33% 
Non-degenerate states, 83 
Non-polar linkage, 204 
Normal vibrations, 299 
Normalization condition, 80, 93, 131, 135 
Nuclear g-value, 335 
Nuclear magnetic resonance spectros- 
copy, 334 
Nuclear magneton, 336 
Nuclear quadrupole resonance, 356 
Nuclear recoil, 362 


“Nuclear resonance, 339 


Nuclear splitting factor. 335 
Nuclear spin, 280, 334, 335, 336-338 
Nucleus, dimensions of, 25-29 


Oblate symmetric top, 270 
Octahedral complexes, 140, 173 
Octahedral ligand field, 157-162 
Orbitals: 
atomic, 95-106 
degenerate, 98 
charge-cloud representation of, 103-106 
sectional representation of, 102-103 
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Orbital structure : 
of acetylene, 145-146 
of benzene, 149--152 
of butadiene, 147-148 
of cyclopropane, 143 
of ethane, 142-143 
of ethylene, 143-145 
of methane, 142) 
Orientation polarization, 384, 386 
Ortho effect, 392 
Orthogonality condition, 131, 133, 135 
Orthogonality of functions, 81, 131 
Outer hybrids, 160 
Overlap criterion, 141 
Overtone transitions, 292-296, 301 
Oxidation number, 175 
Oxidation state, 175 
Oxygen: 
electronic configuration of, 129 
molecular orbitals for, 125, 126 
paramagnetism of, 126 


Pair formation, 16-17 
Pairing of electrons, 114 
Paramagnetic current, 347, 348, 349 
Paramagnetic substances, 172, 241-242 
Parent ion, 368, 369 
Partial double-bond character, 215-216 
Particle-in-a-box problem, 76-84 
Paschen series, 21, 22 
Pauli exclusion principle, 53, 84, 120, 
124, 126, 233 

p-block elements, 63 
P branch, 307, 310, 327 
Perihelion, 48 3 
Periodic table, 57, 63 
Pfund series, 21, 22 
Phosphine, structure of, 129 
Phosphorus: 

electronic configuration of, 120 

pentafluoride, 120 
Photoelectric work function, 9-10 
Photoelectricity, 6-10 

laws of, 6-8 

Tbond, 144, 145, 146 

Nelectrons, 84, 152, 153 

MMO, 123, 143, 144, 147, 148, 

149, 151, 330 
Planar complexes of nickel, 173 
Planck constant, 5, 9, 10, 35, 66, 
69, 266, 272 

Planck’s radiation law, 4-5 
Point group, 261-263 
Point symmetry, 256, 261, 381 


Polar linkage, 204 


Index 


Polarizability, 311, 312, 314, 316, 384, 385, 


Polarization of ions, 206 

Polyenes, UV absorptions of, 333 

p-orbitals, 95, 96; 98, 128, 129, 130, 131, 
133, 134, 136, 138, 139, 140, 144, 
145, 146, 147, 148, 149 

Positron, 16 

p-p bond strength, 129 

Precession, 51, 339, 340. 


Principal quantum number, 47, 48, 55, 165 


Probat‘lity: 
actual, 100 
density, 92, 93, 95, 99 
density distribution, 93, 94, 95, 
100, 101, 106 
Prolate syinmetric top, 270 
Proton, 86, 335 
Proton magnetic resonance, 152, 153 
Pyridine, 153 


Qbranch, 307, 327 
Quadrupole effects, 354, 366 
Quadrupole moment, 354 
Quadrupole relaxation, 354, 355 
Quantum theory, 4 
Quantum number, 78, 89-92 
angular momentum, 90 
azimuthal, 46-50,53, 90 
magnetic, 50, 53, 90 
principal, 47, 53, 91 
quartet of, 92 
radial, 47 
total, 91 


Radial distribution curve, 100, 101 
of alkali atoms, 107, 108 
of rubidium atom, 109 
Radial distribution method, 382 
Radial wave function, 99, 100, 102, 104 
Radon, 60 
Raman line, 312 
Raman shift, 311 
Raman spectra, 302, 310-319 
quantum theory of, 313-314 
rotational, 313, 314-317 
vibrational, 313, 317-318 
Raman scattering, 311, 314 
R branch, 307, 310, 317, 327, 328 
Rayleigh line, 311, 312 
Rayleigh-Jeans law, 4-5 
Reduced mass, 36, 397-398 
Reflection, see symmetry operation 
Refractive index, 389, 390 


Index 


Refractivity method, 389 
Relative intensities of spectral lines, 278-280 
Relativity, theory of, 49 
Relaxation processes, 343 
Relaxation time, 343 
Representative elements, 60 
Resonance, 118, 153, 188, 340 
covalent/ionic, 202 
effect on group frequency, 304 
energy, 118, 148, 151, 152 
hybrid, 148 
ionic, 188 
potentials, 41-44 
Rigid rotor model, 271- 272 
Ritz’s combination principle, 21 
Rotating-vibrating molecule, 305, 306 
Rotation, see symmetry operation 
Rotation axis, 259, 260 
Rotation- reflection, see symmetry operation 
Rotation-reflection axis, 259 
Rotational constant, 273, 282, 309 
‘Rotational quantum number, 272, 305, 307. 
314, 334 
Rotational spectra, 267, 268, 269- 284 
of asymmetric top molecules, 283-284 - 
“bond length determination from, 276-278 
of diatomic molecules, 272- 274 
of lincar molecules, 280-281 
moment of inertia, determination 
from, 276-278 
of polyatomic molecules, 280-284 
of spherical top molecules, 283 
of symmetric top molecules, 282-283 
Rubidium atom, radial distribution curve 
of, 108 í 
Rule of eight, 176, 200, 201 
Rule of two, 201 
Russel-Saunders symbols, 54 
Rutherford nuclear atom, 23-25 
Rutherford scattering formula, 24 
Rydberg constant, 21, 38, 39 


Sandwich compounds, 171 

s-block elements, 63, 151 

Sbranch, 307, 315, 316, 317 

Schoenflies symbol, 261 

Schomaker-Stevenson equation, 214 

Schrödinger wave equation, 65-66, 73-74 
for hydrogen atom, 86-87 
importance of, 74-75 

Second overtone, 296, 301 

Selection printiple, 49 

Selection rule;:273, 282, 288, 291, 295, 

305, 314, 317, 318, 327 
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Self-consistent field method, 107 
Semiconductor, 236 
Semipolar bond, 221 
Separation of variables, 88-89 
Sextet of electrons, 149 
Shielding consiant, 344 
@-bond, 142, 143, 144, 145, 146 
g-orbital, 123, 142, 143, 144, 149 
O-Tcontiguration, 144, 145 
Singlet, 119 
Sinusoidal wave motion, 70-71 
s-orbital, 95, 98, 103. 105, 106, 128, 
129, 130, 131, 133, 134. 136, 138, 
139, 140. 142, 144, 145, 146, 147 
Sommerfeld method of elliptical orbits, 47-30 
s-p bond strength, 129 
sp hybrids, 131-133, 138 
bond strength of, 133, 136, 137 
sp”? hybrids, 133-134, 138, 144, 147, 149 
bond strength of, 134, 136, 137 
sp* hybrids, 130, 134-136, 139, 140, 142, 1/3 
bond strength of, 136, 137 
Space quantization, 52, 336 
Space symmetry, 256 
Spectrochemical series, 158 
Spherical top, 271, 276, 283, 317 
Spin angular momentum, 334 
Spin-free, 164, 167 
Spin-lattice relaxation, 343 
Spin-pairing, 164, 167 
Spin-quantum number, 52, 53 
Spin-spin coupling constant, 351 
Spin-spin interaction, 351-356 
Spin-spin relaxation, 343 
Spin-spin.splitting, 351-356 
Square-planar ligand field, 163 
s-s bond strength, 129 
Stark effect, 46, 50, 91, 391 
Stationary state, 31 
Stefan- Boltzmann law, 2, 5 


` Staggered configuration, 144, 145 


Stibine, structure of, 130 
Stokes line, 313, 315, 318 
Stopping potential, 8, 42 
Stretching vibration frequency, 301 
Strong ligand field, 159, 160, 161, 164 
Symmetric bending vibration, 299, 300 
Symmetric combination, 116 
Symmetric mode, 113 
Symmetric stretch, 289, 298, 300 
Symmetric top, 270, 282, 283, 316 
oblate, 270° 
prolate, 270 
Symmetry elements, 255, 259-263 
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Symmetry group, 318,see also point group 
Symmetry operation, 255, 256, 257, 258, 259, 
260 
definition of, 256 
improper rotation, 258 
- inversion, 257 
reflection, 257 
rotation, 256 
rotation-reflection, 257, 258 
symbol, 256, 257, 258, 260 
t-scale, 347 


Tetrahedral angle, 131, 136, 139, 140 
Tetrahedral complexes, 173 
Tetrahedral hybrid orbitals, 130, 139, 140, 
402-403 
Tetrahedral ligand field, 162, 163 
Tetrahedrally oriented orbitals, 130 
Tetrahedron, 130, 131, 139 
Tetrahedral sp3 hybrids, 402-403 
Thallium: 
electronic structure of, 180 
ions, 180 
Thioacetic acid, 303 
Thomson's atomic model, 22 
Threshold frequency, 7, 10 
Threshold wavelength, 7 
Tin: 
electronic configuration of, 180, 241 
ions, 180 
Transition elements, 61, 63, 139, 207 
ion structure of, 180 
oxyacids of, 139 
Transuranium elements, 62 
Transverse relaxation, 343 
Trimethy! silane, 347 
Triplet, 116, 353 
Two-body problem, 35 
Types of elements, 58 


Ultraviolet catastrophe, 4 
Ultraviolet radiation, 267, 268 
UV spectra, see electronic spectra 


Vacuum ultraviolet, 330 
Valence-bond theory, 112, 114-120, 141, 
154, 155 
comparison with MO method, 124 
Valence number, 111, 176, 177 
Valency, 175-177, 179, 180 
electronic theory of, 177 
van der Waals bonds, 253 
van der Waals force, 185, 244 
van der Waals radii, 254 


Index 


Vertical plane (symmetry element), 259 
Vibrating rotator, 305-307 
Vibration-rotation spectra, 268, 305-310 
Vibrational quantum number, 288, 309 
Vibrational- rotational energy, 305 
Vibrational spectra, 267, 284-305 

Vinyl chloride, 271 

Voltage scan, 371 


Water. molecule : 

bond angle in, 129, 391 

dipole moment of, 391 

fundamental vibrations of, 297 

infrared spectrum of, 298 

resonance structures of, 205 

structure of, 129, 140 

symmetry in, 256, 257, 263, 264 
Wave equation, 72 

Schriidinger’s, 65, 66, 73-75 

for the hydrogen atom, 87 
Wave function: 

angular, 95-99 

antisymmetric, 116, 119 

hydrogen-like, 92-102 

normalization of, 93 

physical interpretation of, 75-76 

radial, 93, 99-102 

spherical, 92, 93 

spin, 118, 119 

symmetric, 116, 119 
Wave mechanics, 65 

of hydrogen atom, 86-106 
Wave number, 20, 21, 32, 38, 277 
Wave theory of metals, 231 
Weak ligand field, 159, 160, 161, 164 
Wien’s law, 4 
Wier! equation, 381 
Work function, 9-10 


Xenon, 60 
X-ray (s), 14, 16, 66, 67, 68, 208 
diffraction, 67 
energiés, 16 
photon, 68 
powder photograph, 67 
scattering, 66, 68, see also Compton 
scattering 
spectra, 57 
spectrometer, 14 


Zeeman effect, 46, 50, 52, 91 

Zero-point energy, 79, 84, 289 

Zinc, possible electronic configurations 
for, 240 
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structure, the nature of the chemical bond, and molecular spectroscopy. In 
addition, the book gives a complete description of the spectroscopic methods, 
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